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ABSTRACT 
 
A fundamental thermodynamic study was undertaken in order to establish the 
speciation of copper(I) and copper(II) during the leaching and recovery of gold 
from thiosulfate-copper-ammonia solutions. Despite considerable research into 
this complex leaching system, the lack of important fundamental chemistry has 
delayed the implementation of the thiosulfate process as an alternative to 
cyanidation. Over the last two decades, research in this field has focused on the 
kinetics and electrochemistry of leaching, which involves the use of copper(II) 
as an oxidant. However, the fundamental thermodynamic data for copper(I) and 
copper(II) in this system is limited. 
 
Ion association was found to significantly affect the dissociation constant of the 
ammonium ion in solutions containing sodium sulfate and/or sodium thiosulfate, 
thus influencing the free ammonia concentration in solution. These findings 
highlight the importance of using the correct dissociation constant value in 
thermodynamic studies that involve ammonia in order to obtain precise stability 
constants. 
 
It has been established that the mixed-ligand complexes Cu(NH3)(S2O3)2
3- and 
Cu(NH3)(S2O3)
- exist in solution and they are more stable than the other species 
Cu(S2O3)3
5-, Cu(NH3)2
+ and Cu(NH3)3
+ at high concentrations of ammonia 
and/or thiosulfate. The relative proportions of each two species is dependant on 
the [NH3]:[S2O3
2-] ratio in solution. This is reflected in two- and three- 
dimensional speciation diagrams that have been constructed for typical leaching   ii
and recovery processes using the stability constants obtained in this study. The 
3-dimensional diagrams reveal subtle speciation trends that are not easily 
discernable from the 2-dimensional diagrams. 
 
An investigation into the effect of high sulfate and chloride concentrations 
showed that these anions are not involved in the complexation with copper(I)-
ammonia or copper(I)-ammonia-thiosulfate species under the experimental 
conditions studied. However, these anions and perchlorate formed relatively 
stable species with the copper(II)-ammine complexes in the absence of 
thiosulfate. Stability constants were obtained for the species Cu(NH3)4SO4
0, 
Cu(NH3)4Cl
+ and Cu(NH3)4ClO4
+ and it is suggested that these anionic ligands 
form outer-sphere complexes with the Cu(NH3)4
2+ ion. 
 
Various methods of predicting stability constants for mixed-ligand complexes 
from those for the corresponding single ligand systems have been evaluated for 
this copper(I) system. Although the results have not been quantitatively 
accurate, the trends suggest that an appropriate method may serve as a useful 
qualitative tool to predict the possible existence of mixed-ligand complexes. 
 
The combined application of 2- and 3-dimensional speciation and potential 
diagrams could be used as a hydrometallurgical tool in the design, optimization 
and control of possible future processes for the extraction of gold using 
thiosulfate in the presence of copper ions and ammonia. The work presented in 
this thesis adds to our understanding of the chemistry of copper(I) and 
copper(II) in this leaching system.   iii
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SYMBOLS 
 
β  = Cumulative stability constant of a complex. 
K  = Step-wise formation constant. 
[NH3]T = Total ammonia concentration (M). i.e. the sum of the concentrations of 
protonated and aqueous ammonia        i.e.   [NH4
+] + [NH3] 
[NH3]F = Concentration of free or uncomplexed aqueous ammonia (M). 
[NH3]  = Concentration of complexed plus free aqueous ammonia (M). 
ECell  = The measured voltage of a cell. 
I  = Ionic strength. 
EJ  = Junction potential. 
Var =  varied. 
NR  = Not reported. 
0 corr = Constants corrected to zero ionic strength by the application of some  
    theoretical or empirical formula; this procedure is not always sharply  
    distinguished from extrapolation. 
[S2O3
2-]free = Concentration of thiosulfate available for complex formation. 
 
 
   1
 
1 INTRODUCTION 
1.1  Brief Overview of the Gold Industry 
Currently Australia is the third largest producer of gold contributing 11% to the 
world production of which 7% is produced in Western Australia. Figure 1.1 is a 
historical record of gold production in Australia and Western Australia 
(Department of Industry and Resources 2003). South Africa is the top world 
producer followed closely by the USA.  
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Figure 1.1  Annual gold production in Australia between 1890 and 2003. 
 
The introduction of the carbon-in-pulp (CIP) process in the 1980’s for the 
extraction of gold using cyanide lead to a considerable rise in gold production 
worldwide. This effect was more marked in Australia and the USA as shown in 
Figure 1.2 that was extracted from a report by Sierra Minerals Ltd (2003). 
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Figure 1.2  Gold production (tonnes) in the World between1840 and 2000. 
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1.2  The Leaching and Recovery of Gold 
Since the 1980s the efficient, robust and relatively simple extraction of gold by 
cyanide using the CIP or related carbon-in-leach (CIL) process has not been 
matched by any alternative lixiviant. In recent years, there has been increasing 
pressure from regulatory environmental agencies to consider alternative 
lixiviants which will be less toxic and environmentally acceptable. A second 
motivation for the mining industry to consider other lixiviants is the declining 
number of economically viable ore deposits. The continuing demand for gold 
production dictates that other sources of gold be utilised, such as 
carbonaceous, pyritic, cupriferous, arsenical, telluriferous and manganiferrous 
gold and silver ores that cannot be successfully treated by the cyanidation 
process. 
 
Several reviews have been published on the chemistry of alternative lixiviant 
systems for the recovery of gold from ores and concentrates (Hiskey and Atluri 
1988; Sparrow and Woodcock 1995; Stanley 1987). 
 
Using cyanide as a bench mark, Ritchie et al. (2001) evaluated possible 
alternative lixiviants (L) such as thiosulfate, bisulfide, ammonia, chloride, 
thiourea, thiocyanate, sulfite, bromide and iodide in terms of the stability of the 
Au(I)-L complex, oxygen as a potential oxidant, chemical stability, health and 
safety, effect on the environment, stage of development and cost. The authors 
arrived at the conclusion that at this stage thiosulfate and possibly bisulfide 
were the only viable alternative lixiviant for the recovery of gold directly from 
ores.   4
1.3  Chemistry of the Leaching of Gold with Thiosulfate 
The thiosulfate process involves the oxidative dissolution of gold with thiosulfate 
based as the sodium or ammonium salts as the ligand to stabilize the gold in 
solution. In the conventional approach, the copper(II)/copper(I) couple in the 
presence of ammonia in alkaline conditions acts as the redox mediator between 
dissolved oxygen and the gold. 
Extensive reviews of the thiosulfate system have been published in relation to 
the leaching, separation and recovery of gold (Aylmore and Muir 2001b; Breuer 
and Jeffrey 2003b; Grosse et al. 2003; Molleman and Dreisinger 2002).   
Figure 1.3 depicts the widely reported reactions for the thiosulfate leaching of 
gold (Aylmore and Muir 2001b), in which gold is solubilised by the formation of 
the gold di- or tri- thiosulfato complex ions (equation 1.1).  
 
4Au  +  8S2O3
2-  +  O2  +  2H2O    '    4[Au(S2O3)2]
3-  +  4OH
- (1.1) 
  
Figure 1.3  A model for the dissolution of gold in the thiosulfate leaching 
system. Extracted from Aylmore and Muir (2001b).   5
 
This solubilisation is facilitated by the presence of both copper(II) and ammonia 
in that the copper(II) ammine complexes are the active oxidants for gold and the 
copper(I) ions formed are re-oxidised to copper(II) by dissolved oxygen, through 
the formation of  various copper-ammonia and  copper-thiosulfate complexes, 
such as Cu(NH3)2
+ and Cu(S2O3)3
5-. 
 
Au  +  5S2O3
2-  +  Cu(NH3)4
2+    '    Au(S2O3)2
3-  +  4NH3  +  Cu(S2O3)3
5-  (1.2) 
 
The oxidation of thiosulfate by dissolved oxygen is slow, but it is accelerated in 
the presence of copper(II) ions to produce copper(I) thiosulfate complexes and 
tetrathionate (Rabai and Epstein 1992b; Toropova et al. 1955; Wronska et al. 
1976). 
 
2Cu
2+  +  4S2O3
2-   '    2CuS2O3
-  +  S4O6
2-     (1.3) 
and 
2Cu
2+  +  5S2O3
2-     '     Cu(S2O3)2
3-  +  CuS2O3
-  +  S4O6
2-   (1.4) 
 
In alkaline solutions other reactions involving the oxidation of thiosulfate and the 
formation of polythionates are also possible. Ultimately complete oxidation 
leads to the end product sulfate. This is illustrated schematically in Figure 1.4 in 
which many reaction pathways lead to sulfate as a final product. For the 
purposes of this exercise and to maintain simplicity of the diagram, the 
equations were not stoichiometrically balanced and metals were excluded. 
Thus, products such as copper sulfides were not included in Figure 1.4.   6
 
 
Figure 1.4  A schematic representation of sulphur speciation in solution. 
Equations are not stoichiometrically balanced. 
 
 
The relative stability of sulphur species can be assessed thermodynamically 
from Figure 1.5 (Molleman and Dreisinger 2002), in which the standard free 
energy of sulphur species is plotted against the oxidation state of sulphur at 
several pH values. Under the preferred gold leaching conditions of pH ~ 10, 
sulfate is the most stable sulphur species. Similar interpretations can be derived 
from Eh-pH diagrams of sulphur species (Valensi 1973).  
   7
 
 
Figure 1.5  Thermodynamic data for sulphur at different oxidation states 
and at several pH values. Extracted from Molleman and Dreisinger (2002). 
 
Thiosulfate leach solutions would typically contain high concentrations of sulfate 
due to the continual oxidation of thiosulfate and the addition of copper as the 
sulfate salt. Therefore, investigations related to the extraction of gold by 
thiosulfate should ideally be performed in sulfate media. Similarly, investigations 
should also include the effect of high chloride levels since the majority of 
Australian gold process plants tend to operate with highly saline local waters, up 
to approximately 2 M chloride (AMIRA 2000; Black and Schulz 1999). 
 
During leaching, the solution chemistry continually changes and is very complex 
due to the presence of copper(II), thiosulfate and oxygen. Electrochemical 
studies (Jiang et al. 1993; Jiang et al. 1997; Zhu et al. 1994) have indicated that   8
the role of copper(II) as the oxidant and ammonia as a ligand in the gold 
leaching process are more complex than originally anticipated. 
 
The kinetics of gold leaching is dependent on the copper and thiosulfate 
concentrations (Breuer and Jeffrey 2003b). The interaction of all reactions has 
yet to be studied fundamentally in terms of the Cu(II)/Cu(I) redox chemistry and 
concentrations. 
 
 
Figure 1.6 shows some of the reactions which involve copper(I) and copper(II) 
with thiosulfate and ammonia. The construction of this diagram (O'Malley 2002) 
was based on a combination of experimental observation and limited 
thermodynamic data available from the literature. 
 
Figure 1.6  Proposed reactions involving copper(I) and copper(II) with 
ammonia and thiosulfate.   9
 
Efficient gold leaching and recovery can be achieved by maintaining the 
appropriate concentration ratio of ammonia to thiosulfate in solution so that 
copper can play the catalytic role and easily transfer between the copper(II) and 
the copper(I) states. Regeneration of the copper(II) ion by dissolved oxygen to 
sustain the catalytic reaction is an important feature of the leaching reaction. 
 
It is known that copper(I)-thiosulfate complexes either do not oxidize to 
copper(II) or the reaction is relatively slow with dissolved oxygen (Toropova et 
al. 1955; Van Wensveen and Nicol 2005). On the other hand, copper(I)-
ammonia complexes are oxidized to copper(II) very rapidly by dissolved 
oxygen. This means that in order to recycle and minimize losses of copper(II) in 
the leaching system, the chemistry of copper(I) and copper(II) needs to be 
understood at a fundamental level. In this way one may determine the 
conditions that favor the existence and predominance of the copper(I)-NH3 
species, which control the levels of copper(II) in the thiosulfate leaching system. 
 
Recently, mixed ammonia-thiosulfate complexes of gold(I) and silver(I) have 
been reported (Perera and Senanayake 2004). Byerley et al. (1973a; 1973b; 
1975) and Senanayake (2004) proposed the existence of copper(II)-ammonia-
thiosulfate complexes based on kinetic studies. The possible existence of 
mixed-ligand complexes of copper(I) and copper(II) need to be explored further.  
   10
 
Thermodynamic calculations can help explain in chemical terms the 
experimental observations of the thiosulfate leaching and recovery processes.  
The end products of such calculations are Eh-pH and speciation diagrams, 
which have metallurgical applications. To date the majority of Eh-pH and 
speciation diagrams (Aylmore and Muir 2001a; Aylmore and Muir 2001b; 
Zipperian et al. 1988) have been constructed from thermodynamic data most of 
which had been obtained before the advent of the thiosulfate leaching process. 
 
Fundamental thermodynamic studies are required to determine stability 
constants and the predominant copper(I) and copper(II) species that exist in a 
thiosulfate leach solution. This information could assist in explaining the 
difference in leaching parameters suitable for different ore types. It would also 
aid in the prediction of speciation changes with reagent concentrations and lead 
to the successful use of thiosulfate in gold hydrometallurgy. Moreover the 
recovery of gold from thiosulfate leach pulps and liquors should be maximised 
(Grosse et al. 2003; O'Malley 2002; Zhang and Dreisinger 2004) by having a 
complete understanding of the chemistry of gold and the other metal ions such 
as copper in the system. 
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1.4 Objectives  of the Project  
The main objective of this project is to obtain relevant thermodynamic data for 
the systems listed below under experimental conditions that approximate those 
that could be used in a gold leaching process using thiosulfate. Thus, the 
investigation also involved the study of the effects of high sulfate and chloride 
concentrations on the equilibria in these systems. 
 
(i)    copper(I)-ammonia-thiosulfate-sulfate 
(ii)   copper(I)-ammonia-thiosulfate-chloride 
(iii)  copper(II)-ammonia-sulfate 
(iv)  copper(II)-ammonia-chloride 
(v)   copper(II)-ammonia-perchlorate 
 
The thermodynamic data can then be used to construct appropriate speciation 
and Eh/pH diagrams that will aid in the understanding of the complex chemistry 
of copper ions in the leaching process. 
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2  LITERATURE REVIEW  
2.1 Stability  Constants 
Stability constants are expressed as the equilibrium constants for the reactions 
in which the aquo metal ion (M
z+) combines with the most basic forms of the 
ligand (A
n- or B
m-). For a mixed ligand complex system the following equilibria 
and related stability constants (based on concentrations) need to be 
considered, assuming no polynuclear species are formed (Martell and 
Motekaitis 1992; Rossotti and Rossotti 1961). Ionic charges are omitted in 
equations 2.1 to 2.4 for simplicity. 
M  +  nA    '     MAn   
n
n
MAn A M
MA
] ][ [
] [
= β    (2.1) 
M  +  mB    '     MBm    
m
m
MBm B M
MB
] ][ [
] [
= β    (2.2) 
M  +  nA  + mB     '     MAnBm  
m n
m n
MAnBm B A M
B MA
] [ ] ][ [
] [
= β  (2.3) 
In general stability constants are expressed as “concentration” constants where 
activity coefficients are assumed unity (equations 2.1, 2.2 and 2.3), as opposed 
to “thermodynamic” constants (equations 2.4 and 2.6). This is due to the 
considerable difficulty of determining realistic activity coefficients of complex 
charged species in solution (Martell and Motekaitis 1990).  
 
 
n
n
MAn A M
MA
} }{ {
} {
= β         ( 2 . 4 )  
     in  which  {}  denotes  activity 
 
  [] M M ⋅ = γ } {          ( 2 . 5 )  
    i n   w h i c h   γ is the activity coefficient  
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  n
A M
MAn
n
n
MAn A M
MA
) ( ] ][ [
] [
γ γ
γ
β ⋅ =        ( 2 . 6 )  
 
Table 2.1,extracted from Beck and Nagypal (1990), summarises the most 
frequently applied formulae for the calculation of activity coefficients. It is 
interesting to note that the maximum concentration for which some of these 
equations are valid is 0.5 M. The present studies involve much higher 
concentrations for which these activity coefficient calculations would not be 
accurate. 
 
Table 2.1  Equations for the calculation of mean activity coefficients*. 
Extracted from Beck and Nagypal (1990). 
Equation Range   
of validity 
Author 
I Z Z A f − + ± = −log  
I a B
I
Z Z A f
& +
= − − + ±
1
log  
I B
I a B
I
Z Z A f '
1
log +
+
= − − + ± &
 
I
I
Z Z A f
+
= − − + ±
1
log  
I B
I
I
Z Z A f '
1
log +
+
= − − + ±  
⎟ ⎟
⎠
⎞
⎜ ⎜
⎝
⎛
+
= − − + ±
I
I
Z Z A f
1
log  
I
I
Z Z A f
5 . 1 1
log
+
= − − + ±  
2 / 3 ' '
1
log I C I B
I
I
Z Z A f + +
+
= − − + ±
    < 10
-3 M  
 
    < 10
-2 M  
 
 
  up to a few  
      molar 
 
   < 0.1 
 
 
   < 0.5 
 
 
   < 0.2 
 
 
   < 0.2 
 
   < 0.2 
 
Debye and Hückel 
 
Debye and Hückel 
 
 
Hückel 
 
 
Güntelberg 
 
 
Guggenheim 
 
 
Davies 
 
 
Scatchard 
 
Datta and Grzybowski 
 
± f  is the geometric mean of the individual ionic activity coefficients. 
  ⏐Z +Z -⏐ = absolute charge of cations and anions, I = ionic strength, 
  A and B are constants. 
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In dilute electrolyte solutions, an equilibrium mixture of many species may exist 
in a complex system in which a metal ion successively forms complexes with 
ligands. In such cases it is not easy nor recommended to apply electrolyte 
theory due to the approximate character of the Debye-Hückel law for the activity 
coefficients of ions in electrolyte solutions (Bjerrum 1989). It is, therefore, an 
obvious necessity to study complex formation under conditions in which the 
activity coefficients are approximately constant so that the classical 
concentration mass action law can be applied. 
 
According to the majority of investigators who studied chemical equilibria in 
solution (Baes and Mesmer 1976; Beck and Nagypal 1990; Bjerrum 1972; 
Martell and Motekaitis 1992; Rossotti 1978; Sukhova et al. 1969) the formation 
of anionic complexes must be determined in solutions at a constant and high 
concentration of supporting cations. In each individual case it is necessary to 
make sure that the concentration of the supporting electrolyte is sufficient to 
maintain constant activity coefficients of all the species in solution. The activity 
coefficients can be kept constant by the use of a constant ionic medium 
(Rossotti and Rossotti 1961). 
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2.2 Ion  Association 
The determination of stability constants may be influenced by ion-association or 
the formation of ion-pairs in the test solution. Ion-association has been reported 
to occur in aqueous solution between the cations Na
+, NH4
+ and Cu
2+ and the 
anions SO4
2-, S2O3
2-, SO3
2-, Cl
-, NO3
- and ClO4
- (Table 2.2). 
 
Table 2.2  Formation constants for various ion-pairs at 25°C (extracted 
from Smith et al. (2004)). 
Ion-Pair Log  K1  Ionic Strength, I 
NH4SO4
-   1.03 (± 0.09)  0 
NH4S2O3
-   0.93  
a 0 
NaSO4
-   0.4 
0.3 
0.79 
0.1, 0.5 
0.7 
0 
NaS2O3
-   0.04 
0.15 
0.65 
0.5 
1.0 
0 
NaSO3
- 0.42  1.0 
NaCl -  0.5 
- 0.6 
- 0.3 
0.1 
0.5, 1.0 
0 
NaNO3   - 0.55  0 
NaClO4 -  0.7  0 
CuNO3
+ 0.5 
0.11 
0 
4.0 
CuSO4
+   2.4 
0.78 
0 
4.0 
CuCl
+   0.3 
0.14 
0 
4.0 
    
a  Reported by Senanayake (2005). 
 
Sodium ion-pairs with chloride, nitrate and perchlorate are relatively weak 
compared to those with sulfate and thiosulfate. A similar trend is observed for 
the copper(II) ion pairs. No literature data is available for CuClO4
+.    16 
 
2.3 Dissociation  Constant of Ammonium Ion 
The study of any speciation system that involves ammonia relies on accurate 
values for the dissociation constant (pKa) of the ammonium ion in the media 
relevant to that system. The determination of stability constants for ammine-
species is based on the free ammonia concentration of the system under study, 
which in turn is dependent on the solution pH. The equilibrium is described by 
the expressions 2.7, 2.8 and 2.9, assuming unit activity coefficients for NH3 and 
NH4
+. 
  N H 4
+    '     NH3  +  H
+      ( 2 . 7 )  
The dissociation constant of the ammonium ion may be expressed as; 
  
] [
] ][ [
4
3
+
+
=
NH
H NH
Ka        ( 2 . 8 )  
from which 
   ⎟
⎟
⎠
⎞
⎜
⎜
⎝
⎛
+ = +] [
] [
log
4
3
NH
NH
pK pH a       ( 2 . 9 )  
The pH of the solution controls the ammonia concentration, thus [NH3] can be 
determined from the total ammonia concentration ([NH3]T = [NH3]+[NH4
+]) and 
the solution pH by applying equation 2.9. 
 
The pKa values available from literature cover a range of ionic strengths (I = 0.1 
to 10.0) in various types of media containing the cations Na
+, K
+, NH4
+ and Li
+ 
and anions ClO4
-, Cl
- and NO3
- (Table 2.3). Limited data was found for SO4
2- 
medium. Some references did not specify the type of media studied. 
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Table 2.3  Dissociation Constants of Ammonium Ion, pKa (NH4
+), in 
NH4NO3 media at 25°C (extracted from Smith et al. (2004)). 
pKa (NH4
+) Ionic  Strength 
9.26 (5)          0.1  
a 
9.28 (2) 
9.33 (4) 
        0.5 
        0.5  
a 
9.354 (0) 
9.41 
        0.7  
b 
        0.7  
a 
9.39 (4) 
9.43 (5) 
        1.0 
        1.0  
a 
9.51 (2) 
9.57 (3) 
        2.0 
        2.0  
a 
9.63 (2) 
9.75 (9) 
        3.0 
        3.0  
a 
9.76 (3) 
9.93 (8) 
        4.0 
        4.0  
a 
9.86 (7) 
10.14 (7) 
        5.0 
        5.0  
a 
10.03 (6) 
10.20 (5) 
        6.0 
        6.0  
a 
10.10          7.0 
10.45          10 
        The figure in brackets denotes the standard deviation of the last digit. 
 
a  Various media. pKa values averaged from various publications. 
 
b  Sea water media 
 
The majority of the pKa studies were performed in perchlorate or nitrate media 
primarily due to the weak association of these anions with ammonium ions. 
 
A graphical representation of the pKa values (Figure 2.1) showed a larger 
scatter at high ionic strengths with more agreement at the lower ionic strengths.  
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Further processing of the data resulted in a polynomial fit of the pKa values to 
the ionic strength (Figure 2.1). A general trend was identified in terms of the pKa 
increases with increasing ionic strength. Thus from the graph, the pKa chosen 
for I = 3.0 would be 9.71 ± 0.1. 
y = -0.0052x2 + 0.1 726x + 9.2374
R2 = 0.9581
9
9.2
9.4
9.6
9.8
10
10.2
10.4
10.6
024681 0 1 2
Ionic Strength, I
pKa
 
Figure 2.1  pKa (NH4
+) values vs. ionic strength fitted to a polynomial 
expression, I at 25°C. Extracted from Table 2.3. 
 
Maeda et al. (1997; 1993; 1995) reported pKa values in a range of ionic 
strengths in various media and since their methodology was the same, their 
data could be compared graphically (Figure 2.2). It is clear that the data for KCl, 
NH4NO3 and NH4Cl media follow similar linear trends but the data for (NH4)2SO4 
media deviates considerably from such trends.    19 
 
y = 0 .12 14 x + 9 .2 59 5
R
2 = 0.996
y = 0.0067x + 8.7326
R
2 = 0.1275
y = 0.0698x + 9.281 8
R
2 = 0.9843
y = 0.1 362x + 9.3364
R
2 = 0.9912
8.5
9
9.5
10
10.5
11
02468 1 0
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pKa
(NH4)2SO4
NH4Cl
NH4NO3
KCl
 
Figure 2.2  pKa (NH4
+) values as a function of ionic strength in various 
media. Graph constructed using the data reported by Maeda et al. (1997; 
1993; 1995). 
 
Maeda and co-workers (1979; 1983) initially reported pKa values at I = 3.0 in 
Na/Li/K-NO3 and Na/Li-ClO4 media. According to their results, the pKa value 
ranges between 9.7 and 10 (Table 2.4). 
 
Table 2.4  Dissociation Constants of Ammonium Ion (pKa) at I = 3.0 and 
25°C reported by Maeda et al. (1997; 1979; 1993; 1995; 1983) 
pKa Medium 
9.82 
9.73 
9.78 
9.96 
9.94 
NaNO3  
LiNO3 
KNO3 
NaClO4 
LiClO4 
9.50 
9.61 
8.70 
9.74 
NH4Cl 
NH4NO3  
(NH4)2SO4  
KCl 
   The standard deviation for all pKa values was 0.01. 
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Later the authors (Maeda 1997; Maeda et al. 1993; Maeda and Kato 1995) 
reported pKa values in a wide range of ionic strengths in NH4NO3, NH4Cl, KCl 
and (NH4)2SO4 media. The observed pKa values were compared with calculated 
values based on Pitzer’s ionic interaction theory to show that they agreed well 
for the monovalent anions. However, the observed and calculated values did 
not agree well for (NH4)2SO4.  
 
The cation may also influence pKa as noted in Figure 2.2 from which it appears 
that the value of pKa in NH4Cl media exhibits half the slope of the data obtained 
in KCl media. However, this trend related to differences in the nature of the 
cation is not so obvious from the data shown in Table 2.4. 
 
The pKa data obtained in sulfate media deviated greatly from that obtained in 
other media involving monovalent anions (Figure 2.2, Table 2.4). This marked 
difference may be attributed to the di-negative charge on the sulfate ion and the 
formation of the ion-pair NH4SO4
-. 
 
From the recently published data by Maeda and co-workers (Table 2.4) the pKa 
value at I = 3.0 ranges between 8.7 and 9.74. Such a difference in pKa values at 
a given ionic strength would significantly affect the calculated free ammonia 
concentrations, which in turn could significantly affect the stability constant 
values for systems involving ammonia. Consequently it may be necessary to 
determine the dissociation constant of ammonium ion under experimental 
conditions that are directly relevant to the present investigation (Na/- SO4
2-, Cl
-, 
and ClO4
- media at I = 3.0).    21 
 
2.4 Copper(I)  Solutions 
Copper(I) disproportionates in aqueous solution (Cotton and Wilkinson 1988; 
Greenwood and Earnshaw 1997) in the absence of a stabilizing ligand 
(equation 2.10). Thus, experimental measurements in a non-complexing 
medium are not possible.  
 2Cu
+ (aq)   '   Cu
2+ (aq)  +  Cu
0    K   ~   1 0
6  (2.10) 
 
It is well known that the relative stability of copper(I) can be controlled by 
complexation with suitable ligands, such as chloride, ammonia, thiosulfate and 
cyanide. It can also be controlled by dissolution in organic solvents, such as 
acetonitrile (Cotton and Wilkinson 1988; Greenwood and Earnshaw 1997; 
Zuberbuhler 1967).  
 
Copper(I) solutions stabilised through complexation can be prepared by: 
(i)  The aqueous dissolution of CuCl in the presence of NaCl and in an inert 
atmosphere of argon or nitrogen (Black et al. 2003; Horvath and Stevenson 
1989; Solis et al. 1995; Sukhova et al. 1968).  
(ii)  The reduction of copper(II) to copper(I) in an inert atmosphere. This can 
prove to be a time-consuming exercise depending on the methodology chosen. 
It can take several days (Hefter et al. 1993) when preparing the solution in the 
presence of HCl, NaCl and copper wire in an inert atmosphere. Alternatively, it 
may only take 24 hours (Braish et al. 1984) when the solution is prepared in a 
closed vessel with a limited oxygen atmosphere and in the presence of NaClO4,    22 
ammonia and copper metal. Bjerrum (1986), prepared copper(I)ammine 
solutions by the reduction of a copper(II)ammine solution with hydroxylamine, 
Cu(NH3)n
2+  + NH2OH  '  Cu(NH3)2
+ +  ½N2 + NH4
+ + (n-3)NH3 + H2O    (2.11) 
 
For the purposes of the present investigation, the experimental conditions 
should ideally approximate the thiosulfate process leaching conditions. Thus, 
the experiments should be performed in aqueous solutions with copper(I) being 
stabilised by complexation with ammonia and the test solutions should contain 
appropriate background anions such as sulfate and /or chloride. 
    23 
 
2.5 Copper(I)-Ammonia  System 
The complexation of ammonia and organic amines with copper(I) and copper(II) 
have been extensively studied over the past decades both in protic and aprotic 
solvent systems, with a focus on biochemical applications (Ahrland 1991; Eller 
et al. 1977; Jardine 1975; Karlin and Zubieta 1983). 
 
Thermodynamic data for inorganic copper(I) complexes is relatively limited 
when compared with the data available for copper(II). This is mainly due to the 
experimental difficulties associated with studying copper(I) systems, because 
copper(I) is readily oxidised by dissolved oxygen and disproportionates in non-
complexing media (Section 2.4). 
 
The reported thermodynamic data for the copper(I)-ammonia system were 
based on measurements performed in aqueous solutions of potassium or 
sodium perchlorate, nitrate and chloride. Stupko et al. (1998) reported 
thermodynamic data for the copper(I)-ammonia system in ammonium sulfate 
media. The stability of the Cu(NH3)2
+ complex has been extensively studied and 
Table 2.5 shows the reported data over a range of ionic strengths, temperatures 
and different anionic media. However, limited information is available on the 
stability of the Cu(NH3)
+ and Cu(NH3)(OH)
 0 complexes. 
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Table 2.5  Stability constants for copper(I)-ammonia complexes. 
Experimental 
Conditions 
 
Complex 
 
Stability 
Constant 
Log β 
Ionic 
Strength 
Medium Temperature 
ºC 
 
Reference 
Cu(NH3)(OH)
0  10.9 0.5  KNO3  30  (Fisher and Hall 1967) 
5.74 2.0  NH4NO3 25  (Bjerrum  1934)   
Cu(NH3)
+  5.8 3.0  (NH4)2SO4  25  (Stupko et al. 1998) 
9.92 0.1  KNO3  20  (Goncalves et al. 1991)  
10.18 0.5 NH4NO3 20  (Hogfeldt  1982) 
9.9 
a  0.5    25  (Smith et al. 2004) 
10.4 0.5  KNO3  30  (Fisher and Hall 1967) 
11.38 1.0  NaClO4/NaCl  25  (Solis et al. 1995) 
10.62 3.0  (NH4)2SO4  25  (Stupko et al. 1998) 
10.58 2.0 NH4NO3 25  (Bjerrum  1934) 
11.2  2.0    room temp.  (Stackelberg and Freyhold 1940) 
10.86 2.0 NH4NO3 18  (Bjerrum  1934) 
11.64  4.0  NaCl  25  (Black et al. 2003) 
10.13  var.    30  (Srinivasan and Subrahmanya 1971) 
 
 
 
 
 
 
 
Cu(NH3)2
+ 
8.72  var.    18-21  (Sillen and Martell 1964) 
b  K3 ~ 0.04  0.5  NaClO4 22-23  (Bjerrum  1986) 
b  K3 = 0.05  1.0  NaClO4  25  (Horvath and Stevenson 1989) 
 
Cu(NH3)3
+ 
b  K3 = 0.05  3.0  (NH4)2SO4  25  (Stupko et al. 1998) 
 
a   Value adjusted for compatibility with other values. 
 
b   K3 represents the equilibrium constant for Cu(NH3)2
+ + NH3  '  Cu(NH3)3
+, expressed in 
thermodynamic terms (activity based). 
 
Stevenson and co-workers first reported (Braish et al. 1984) the existence of 
triamminecopper(I) from UV absorption studies and estimated the equilibrium 
constant ,K3, to be not larger than 0.002. They later published a more 
comprehensive study (Horvath and Stevenson 1989) in which they re-calculated    25 
K3 to be 0.05, using their own pre-determined activity coefficients for aqueous 
ammonia. Bjerrum (1986) corroborated these findings by reporting a value for 
K3 of 0.04 ± 0.004. Recently, Stupko et al. (1998) reported K3 = 0.05 in 
ammonium sulfate medium. All the reported K3 values were thermodynamic 
constants, which took into account the activities of the ions. 
 
Based on Raman Spectroscopy work reported by Gans and Gill (1973) on silver 
amine complexes, Bjerrum (1986) deduced the existence of minor 
concentrations of copper(I)-tetraammine in 10 M ammonia solutions. 
 
When working under alkaline experimental conditions it is important to consider 
the possible existence of copper(I)-ammonia-hydroxide species. Fisher and Hall 
(1967) reported a stability constant value for the Cu(NH3)(OH)
0 complex. Their 
copper(I)-ammonia species distribution diagram showed that up to 7% of the 
hydroxy complex is present in 0.01 M NH3 solutions at pH 10. For 0.16 M and 
1.28 M ammonia solutions, the hydroxy complex may only be present at pH 
greater than 10.5. Bjerrum (1986) found from his UV/Vis spectrophotometry 
experiments that the molar extinction coefficient values obtained were 
independent of changes in ammonia concentration (0.137 to 10.5 M) and 
consequently independent of pH changes. These results indicated that 
copper(I)-hydroxy and amide complexes formation did not influence the 
formation of copper(I)-triammine complexes.  
 
Zuberbuhler (1967) reported a log β value for the Cu(NH3)2
+ complex of 11.2 but 
they did not specify experimental conditions such as pH, temperature or ionic    26 
strength. The medium was NH4NO3 and HClO4 probably in CH3CN/H2O. Due to 
the uncertainty of the experimental conditions used, this reference was 
excluded from Table 2.5. 
 
The thermodynamic data at 25 °C summarised in Table 2.5 can be assessed 
using the linear free energy relationships developed by Finkelstein and Hancock 
(1974) by comparing the stability constants of complex species of two metals of 
the same group in the periodic table such as Ag(I) and Cu(I) (Figure 2.3). The 
plotted data shows a wide spread of β values over two orders of magnitude for 
the copper(I)-diammine complex (log β between 9.9 to 11.6). The reason for this 
may be due to variations in media, ionic strength and/or methodology. The 
metal-triammine complexes could not be included in the graph due to the 
absence of data for silver(I)-triammine complexes. 
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Figure 2.3  Log-log plot of β(Cu(I)-N) vs. β(Ag(I)-N) for monoammine (1N) 
and diammine (2N) complexes. Ag data at I = 3 and 25°C from Smith et al. 
(2004).    27 
 
A plot of log β versus ionic strength (Figure 2.4, extracted from Table 2.5) offers 
an alternative perspective to the wide scatter of the literature data that is 
available for the Cu(NH3)2
+ complex at 25°C. 
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Figure 2.4  Variation of the stability of the Cu(NH3)2
+ complex with ionic 
strength at 25°C. 
 
 
Based on the limited and scattered thermodynamic data available from the 
literature on the copper(I)-ammonia system, further experimental work is 
warranted to establish the main species present in this system under 
experimental conditions which closely resemble the conditions used in the 
thiosulfate leaching process. 
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2.6 Copper(I)-Ammonia-Chloride  System 
The existence of mixed complexes of copper(I) with ammonia and chloride in 
solution have been reported by two research groups (Black et al. 2003; Solis et 
al. 1995) and their results are summarised in Table 2.6. Solis et al. (1995) used 
glass electrode potentiometry in which solutions of CuCl in NaCl at pH 1.4 were 
titrated with NaOH to a final pH of approximately 8.5 at 25°C in an argon 
atmosphere. The experimental data was analysed using ESTA (Equilibrium 
Simulation for Titration Analysis) programs and a number of speciation models 
were tested. Although one final speciation model was proposed, the authors 
highlighted the difficulties involved in distinguishing the best model for this 
system. These difficulties resulted from the similarity in the calculated stability 
constants for the copper(I)-ammonia and the copper(I)-ammonia-chloride 
complexes. This leads to a lack of predominance of any of the complexes over 
the range of pH and chloride concentrations tested. In conclusion the authors 
highlighted the importance of a full reinvestigation of this experimentally 
challenging system. 
Table 2.6  Species Reported for the copper(I)-NH3-Cl
- System at 25°C. 
Concentration  (M)   
Complex 
Stability 
Constant 
Log β 
 
Medium 
 
pH 
Cu(I) NH3 Cl
- 
 
Reference 
Cu(NH3)2
+ 11.38  5  x10
-3 5-10  x10
-3  (Solis et al. 1995) 
Cu(NH3)2Cl
0 11.33    and   
Cu(NH3)Cl
0  a 8.92    0.08-0.3   
Cu(NH3)Cl2
-  a 8.82 
1 M NaClO4 1.4-8.5 
  
0.2, 0.5 & 1.0 
 
Model 1:  Cu(NH3)2
+ 11.64  2-5  x10
-4 14-424  x10
-4  (Black et al. 2003)  
b 
               Cu(NH3)Cl
0 8.96       
Model 2:  Cu(NH3)2
+ 11.13       
               Cu(NH3)Cl2
- 8.33       
              Cu(NH3)2Cl
0 10.79 
4 M NaCl  9.25 
  
0.63 – 5.0  
 
 
a  Minor species 
 
b  Concentration units are molal.    29 
 
Black et al. (2003) investigated the copper(I)-NH3-Cl
- system at pH 9.25 and 
25°C in a nitrogen atmosphere using UV Spectrophotometry. Stability constant 
values were derived by non-linear least squares fitting of the Beer-Lambert law 
to the absorption data. Two speciation models fitted their experimental data and 
both models included mixed-ligand complexes. The existence of mixed ligand 
complexes was based on small absorption maximum wavelength changes of 
less than 5 nm. These workers used UV/Vis spectrophotometry to relate 
species formation based on a shift of a peak attributed to CuCl3
2- at 275 nm to ~ 
270 nm with decreasing [Cl
-] or with increasing [NH3]. The λmax values for the 
CuCl3
2- and CuCl2
- complexes reported by other researchers vary by 3 to 5 nm 
(Table 2.7). Both complexes have a second more prominent peak at 200 nm, 
which is in the high absorption area of the spectrum common to many organic 
and inorganic compounds. 
 
Table 2.7  Absorption maxima (λmax) for copper(I)-Cl
- species. 
λmax (nm) 
CuCl3
2- CuCl2
- 
References 
273 
274 
276 
273 
235 
 
230 
233 
Sukhova et al. (1970) 
Kurtz and Stevenson (1985) 
Carlsson and Wettermark (1976) 
Kozin et al. (2004) 
 
The small wavelength shift observed by Black et al. (2003) may simply be due 
to changes in the concentration of the CuCl3
2- complex as a result of changes in 
the concentrations of ammonia or chloride. At high [NH3], any copper(I)-Cl
- 
complex (log β1 = 2.7, log β2 ~ 6, log β3 ~ 6, Table 2.8) will dissociate to allow 
the formation of the much more stable copper(I)-NH3 complexes (log β ~ 10,    30 
Table 2.5). As the peak due to the complex becomes smaller, it broadens and 
consequently the λmax value can vary by a few nanometres simply from errors in 
determining the peak wavelength. 
 
Kol'tsov et al. (1985) demonstrated the great instability of mixed ammonia-
chloride complexes of copper(I). Extreme experimental conditions were required 
for ammonia to adsorb onto solid CuCl films and thus form 2CuCl.NH3, 
CuCl.NH3 and CuCl.2NH3. The first mole of NH3 was adsorbed at 1.3 Pa and 
293 K, whereas the second mole of NH3 was adsorbed at 1.8 x 10
3 Pa and 293 
K. They reported the activation energy (Ea) for the decomposition of CuCl.NH3 
to be 65 Jmol
-1. This value is some three orders of magnitude lower than that 
reported for simple reactions (Atkins 1982; Stark and Wallace 1982). Such a 
small Ea value signifies that the rate of reaction is not significantly affected by 
temperature changes. 
 
The limited information available from the literature on the copper(I)-NH3-Cl
- 
system cannot be used to conclusively demonstrate the existence of mixed 
ligand complexes in this system. Consequently, the present investigation will 
also include the effect of chloride on the stability of the copper(I) ammine 
complexes. 
 
For this purpose, it is necessary to evaluate the data on the formation of the 
copper(I) chloro-complexes. Information on this system has been reported 
extensively in the literature and Solis et al. (1995) provided a good summary of 
some data which is shown in Table 2.8.    31 
 
 
Table 2.8  Stability constants of copper(I)-Cl
- complexes at 25°C (extracted 
from Solis et al. (1995)). 
Stability Constant, log β 
CuCl
0 CuCl2
- CuCl3
2- CuCl4
3- 
 
Medium 
 
Reference 
-  5.54  -  -  0 corr  Noyes and Chow (1918),  
Latimer (1938) 
a 
-  4.73  -  -  0 corr  Chang and Tso (1933) 
a 
-  -  4.23  -  0 corr  Chang and Cha (1934) 
a 
-  4.94  - - 0  corr  Chaltykyan  (1948) 
a 
-  6.04 5.98 5.60 6.5  M  NH4(NO3)  Sukhova et al.(1968) 
-  5.38 5.34 -    var  Liedholm  (1969) 
a 
-  6.30 6.08 5.70 14  M  NH4(NO3)  Sukhova et al. (1969) 
2.7  6.00  5.99  < 4.69  5 M NaClO4   Ahrland and Rawsthorne (1970) 
-  6.06 5.94 -  5  M  NaClO4   Ahrland and Tagesson (1977) 
a 
-  -  4.93  -   var  Boos and Popel (1970) 
-  5.2  - - 0.7  M  NaClO4   Goncalves and Dos Santos (1982) 
a 
-  6.08 5.89 -  5  M  NaClO4   Fritz (1984) 
a 
  
a    References as given by Sillen and Martell (1964; 1971) and Hogfeldt (1982). 
  0 corr = constants corrected to zero ionic strength. See Symbols section for more detail. 
  Var = varied 
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2.7 Copper(I)-Thiosulfate  System 
There is very little literature which provides reliable thermodynamic data for the 
copper(I)-thiosulfate complexes Cu(S2O3)
-, Cu(S2O3)2
3- and Cu(S2O3)3
5-. The 
available data are summarized in Table 2.9. With the exception of Black et al. 
(2002; 2003) who used UV spectrophotometry, all the reported work was 
carried out in the 1950’s using polarography. Toropova et al. (1955) also briefly 
used potentiometry, which only detected the Cu(S2O3)3
5- complex. The 
experimental conditions vary in ionic strength from 1 to 4 in media of sodium 
sulfate, potassium nitrate and sodium chloride. 
 
Table 2.9  Thermodynamic data for copper(I)-thiosulfate complexes (at 
25ºC unless otherwise stated). 
Experimental Conditions   
Complex 
Stability  
Constant 
Log β  Ionic 
Strength 
Medium Starting 
Material 
[S2O3
2-]/[Cu] 
 
 
Reference 
14.30 1.2 KNO3  0.001 M CuCl  250 - 1000  Davis (1958) 
13.70 1.6  Na2SO4  0.098 M CuSO4  200  Toropova et al.(1955) 
 
Cu(S2O3)3
5- 
13.64 1.0  Na2SO4  0.098 M CuSO4  200  Toropova et al.(1955) 
12.27   1.6  Na2SO4  0.098 M CuSO4  0.1 - 7  Toropova et al.(1955) 
12.30  NR  NR  0.05 M CuSO4  2  Uske and Levin (1953) 
 
Cu(S2O3)2
3- 
11.69  var  var, 18 ºC  0.05 M CuSO4,18 ºC  2  Stabrovskii (1951) 
10.35 1.6  Na2SO4  0.098 M CuSO4  0.1 - 7  Toropova et al.(1955)   
Cu(S2O3)
- 
9.73  4.0  NaCl  0.0002 molal CuCl  12.5  Black et al.(2002; 2003) 
 
As could be expected, the initial molar concentration ratio of thiosulfate to 
copper ions ([S2O3
2-]/[Cu] ratio) is the main experimental parameter that 
governs the detection of copper(I)-S2O3
2- complexes. Some authors 
commenced their experiments with solutions of copper(I) ions (Black et al. 
2002; 2003; Davis 1958), but most used CuSO4 as their starting solution.    33 
 
The Cu(S2O3)3
5- complex could only be detected at relatively high [S2O3
2-]/[Cu] 
ratios of 200 to 1000. This was the only complex detected under such 
experimental conditions using either polarography or potentiometry (Davis 
1958; Toropova et al. 1955). 
 
At relatively low [S2O3
2-]/[Cu] ratios of 0.1 to 7, both Cu(S2O3)
- and Cu(S2O3)2
3- 
complexes were detected by polarography (Toropova et al. 1955), and the 
stability constant for the former was calculated from experimentally determined 
β2 and K2 values (K defined in Table 2.5). The authors compared their log β2 = 
12.27 value for the Cu(S2O3)2
3- complex with those of Stabrovskii, Uske and 
Levin (1951; 1953), who also used polarography at a [S2O3
2-]/[Cu] ratio of 2. 
 
At a [S2O3
2-]/[Cu] ratio of 12.5 in a 4 M NaCl background and using CuCl 
instead of CuSO4 as the starting material, only the Cu(S2O3)
- complex was 
detected by UV spectrophotometry (Black et al. 2002; Black et al. 2003). These 
authors also reported the formation of mixed complexes Cu(S2O3)Cl
2- and 
Cu(S2O3)Cl2
3-. Davis (1958) who also used CuCl did not discuss the possibility 
of mixed copper(I)-S2O3-Cl complexes because the solution medium was 1.2 M 
KNO3. 
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Golub et al. (1976) determined stability constants for copper(I)-thiosulfate 
complexes (Table 2.10) starting with CuSCN and Na2S2O3 or  K2S2O3 in a 
sulfate background (I = 2.4), using potentiometry and dissolution methods. The 
authors also reported the higher complex Cu(S2O3)4
7- as well as the mixed 
complex Cu(SCN)(S2O3)
2-. 
 
Table 2.10  Thermodynamic data for copper(I)-thiosulfate complexes 
reported by Golub et al. (1976) 
Stability Constant, log β 
Cu(S2O3)
- Cu(S2O3)2
3- Cu(S2O3)3
5- Cu(S2O3)4
7- Cu(SCN)(S2O3)
2- 
 
Medium 
8.91 9.32 10.34  11.5 12.22  Na2SO4 
9.91 10.6 11.75  12.38  13.02  K2SO4 
 
 
These stability constants for the formation of the Cu(S2O3)
-, Cu(S2O3)2
3- and 
Cu(S2O3)3
5- complexes deviated considerably from the other literature data 
(Table 2.9). The authors report limited experimental conditions, with no mention 
of copper(I) concentrations and they did not explain how they arrived at the 
formation of a tetra-thiosulfate complex. This paper was not cited by the critical 
reviewers of stability constants; Hogfeldt (1982); Sillen and Martell (1964); 
Smith and Martell (1989b) although all other pre-1989 papers discussed in this 
section were cited. Following the selection criteria set out by Martell and 
Motekaitis (1988), this paper was eliminated from this review on the basis of (a) 
considerable deviation from other literature values and (b) lack of experimental 
reaction conditions such as the metal ion concentration.    35 
 
Figure 2.5 shows a log-log plot of the stability constants for the copper(I) and 
silver(I) thiosulfate complexes. The correlation is better than that obtained for 
metal-amine complexes (Figure 2.3) despite the variations in media, ionic 
strength and methodology. However, this correlation is poor relative to those 
obtained by Finkelstein and Hancock (1974). 
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Figure 2.5  Linear free energy relationship for the copper(I) and silver(I) 
thiosulfate complexes. Ag(I) data at I = 3 and 25°C from Smith et al. (2004). 
Copper(I) data from Table 2.9. 
 
 
A more extensive study of this system would be pertinent, in which the 
experimental conditions reflect the thiosulfate leaching conditions used for gold 
extraction and recovery.  
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2.8 Copper(I)-Thiosulfate-Chloride  System 
The existence of mixed complexes of copper(I) with thiosulfate and chloride in 
solution have been reported by two research groups (Black et al. 2003; Boos 
and Popel 1970) and their results are summarised in Table 2.11. 
 
Table 2.11  Thermodynamic data for copper(I)-thiosulfate-chloride 
complexes at 25ºC. 
Concentration (M)   
Complex 
 
Log β 
 
Medium 
 
pH 
Cu(I) S2O3
2- Cl
- 
 
Reference 
Cu(S2O3)2Cl
4- 12.89  NR  NR  8.27  x10
-4  0.15–0.6  0.3 – 3.5  Boos and Popel (1970) 
 
9.73 
 
4 M NaCl 
 
9.25 
 
2 x10
-4 
 
0.2–25 x10
-4 
 
2-4 
 
 
Model 1:          
              CuS2O3
- 
    Cu(S2O3)Cl2
3-  7.89            Black et al.(2003)  
a 
 
9.07 
           Model 2:          
     Cu(S2O3)Cl
2- 
    Cu(S2O3)Cl2
3- 
7.90            
 
a Concentration units are mol/Kg. 
 
Boos and Popel (1970) determined a stability constant for the complex 
Cu(S2O3)2Cl
4- (log β = 12.89) at 25°C using potentiometry. The preparation of 
the Cu indicator electrode used and other experimental parameters were 
described elsewhere and the potentiometric measurements varied by ± 5 mV. 
Without information on all the experimental parameters involved, such as ionic 
strength, pH and solution media, it would be difficult to assess the validity of this 
work. 
 
Black et al. (2003) investigated the copper(I)-S2O3
2--Cl
- system at pH 9.25 and 
25°C in a nitrogen atmosphere using UV Spectrophotometry. Stability constant 
values were derived by non-linear least squares fitting of the Beer-Lambert law 
to the absorption data. The authors reported two speciation models both, which    37 
included mixed-ligand complexes but they stated that additional data and 
improvement of the proposed models were still in progress. The complex 
Cu(S2O3)3
5- was not detected during their investigation possibly due to the very 
low thiosulfate concentrations employed (Table 2.11).  
 
From the discussions in sections 2.4 to 2.7, it is clear that the copper(I)-NH3 and 
the copper(I)-S2O3
2- complexes are significantly more stable than the copper(I)-
Cl
- species by approximately 4 to 8 orders of magnitude. It is this difference in 
stability that sheds doubt on significant formation of mixed copper(I)-NH3-Cl
- 
and copper(I)-S2O3
2--Cl
- complexes. 
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2.9 Copper(I)-Ammonia-Thiosulfate  System 
The thermodynamic information related to the copper(I)/ammonia and 
copper(I)/thiosulfate systems available from the literature has lead to the 
construction of Eh-pH and speciation diagrams (Aylmore and Muir 2001a; 
Molleman and Dreisinger 2002; Zipperian et al. 1988). No stability constants 
have been reported for any mixed complexes of copper(I) with ammonia and 
thiosulfate. 
 
Mixed ammine/thiosulfato complexes have been reported for other metals in the 
same group of the Periodic Table such as silver(I) and gold(I) (DeMarco et al. 
1986; Perera and Senanayake 2004). This, as well as the evidence for the 
mixed complex Cu(NH3)(OH)
0, suggests the possible existence of mixed 
copper(I)-NH3-S2O3
2- complexes and warrants further study. 
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2.10 Influence of Anions on the Copper(II)-Ammonia System 
A significant amount of thermodynamic data has been reported for the 
copper(II)-ammonia system (Hogfeldt 1982; Sillen and Martell 1964; Sillen and 
Martell 1971; Smith and Martell 1989a) with its application encompassing a 
number of scientific fields. However, very little information is available from the 
literature to suggest possible complexation of anions with copper(II)-ammonia 
species in solution. Table 2.12 summarises the complexes cited in a number of 
publications, most of which were based on kinetic studies (Breuer and Jeffrey 
2003a; Byerley et al. 1973b; Byerley et al. 1975; Cudennec et al. 1995; 
Senanayake 2004; Van Wensveen In preparation). 
 
The formation of mixed nitrite-ammonia complexes with copper(II) was 
suggested (Cudennec et al. 1995) from the kinetic studies of the oxidation of 
ammonia in the presence of copper(II) ions while from a study of the Cu(II)/Cu(I) 
couple in liquid ammoniate of ammonium nitrate, Penar et al. (1996) suggested 
ion-pair formation between the copper(II) complex with ammonia and NO3
-. The 
methods used for the latter study were potentiometry, rotating disc and rotating 
ring-disc voltammetry. 
 
Byerley et al. (1973a; 1973b; 1975) studied in detail the kinetics in the 
copper(II)-ammonia-thiosulfate system with a focus on the extraction of metals 
from suphide minerals by ammonia leaching. In the absence of oxygen the 
existence of the Cu(NH3)3(S2O3)
0 complex was suggested. The presence of 
oxygen complicated the chemistry considerably in that various copper(II)-   40 
ammonia complexes with thiosulfate or oxygen were suggested to form as 
intermediates during the oxidation of thiosulfate with the ultimate formation of 
sulfate.  
 
Table 2.12  Mixed ligand complexes suggested for the copper(II)-NH3 
system. 
Experimental Conditions 
Concentration (M) 
 
Copper(II) Species  
Suggested 
Cu(II) NH3   S2O3
2-  
Atm. Temp. 
°C 
 
Reference 
0.0488 ~  14  0  O2   20  
a  Cu(NH3)4(NO2)
+  
Cu(NH3)4(NO2)2
0 
Cu(NH3)5
2+ 
0.0425 ~  14  0  O2 40   
b 
Cudennec et al. (1995) 
Cu(NH3)n - NO3  ion pair  11–82 X10
-4 Varied  0  O2  5  Penar et al. (1996). 
Cu(NH3)3(S2O3)
0 5–10  X10
-3  0.1 - 1  0.05  Ar  30  
c  Byerley et al. (1973b). 
Scheme I 
Cu(NH3)4(S2O3)(H2O)
0  
Cu(NH3)4(S2O3)2
2-  
Cu(NH3)4(S2O3)O2
2- 
Cu(NH3)4O2
0 
Scheme II 
Cu(NH3)4(S2O3)(H2O)
0 
Cu(NH3)3(S2O3)2O2
2- 
Cu(NH3)3(S2O3)(H2O)2
0 
Cu(NH3)3(S2O3)(H2O)O2
2- 
 
 
 
 
 
4–20 X10
-4 
 
 
 
 
 
0.2 - 1 
 
 
 
 
 
5–50 X10
-3  
 
 
 
 
 
O2 
 
 
 
 
 
30  
d 
 
 
 
 
Byerley et al.  
(1973a; 1975) 
Cu(NH3)5(S2O3)
0 NR  NR  NR  O2  NR  Boos et al. (1984) 
Cu(NH3)n(S2O3)
0 precipitate  1  0.583 – 
5.475 
NR O2 20 
e  Popel et al. (1977). 
Cu(NH3)2(S2O3)
0 
Cu(NH3)2(S2O3)2
2- 
Cu(NH3)3(S2O3)2
2- 
Cu(NH3)3(S2O3)
0 
 
1 X10
-5 
 
0.4, 1.0 
 
0.1 
 
inert 
 
25–30 
 
Senanayake (2004)  
f 
none  0.01  0.4  0.1  Ar  30  Breuer and Jeffrey (2003a) 
a PO2 = 0.20 bar  
b PO2 = 0.40 bar 
c  pH = 11.2 
d  pH – 9.3 to 11.2, I = 0.2 
e  pH = 11, I = 1.0 (NaNO3
-) 
f  reported estimated stability constants. 
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Spectrophotometric studies of complex formation of ammonia and thiosulfate 
with copper(II) were not possible (Popel et al. 1977) due to the precipitation of 
Cu(NH3)n(S2O3)
0 when thiosulfate was added to a copper(II)-ammonia solution. 
These authors used comparatively high concentrations of copper(II) which may 
have caused the salt precipitation. 
 
Recently, Senanayake (2004) estimated approximate values for stability 
constants of mixed copper(II)-ammonia-thiosulfate complexes from kinetic data 
collated from the literature. He produced speciation diagrams as a function of 
pH for the copper(II)-NH3-S2O3
2--OH
- system at ligand concentrations pertinent 
to the thiosulfate leaching process for gold. The knowledge extracted from this 
analysis of thermodynamic data aided in explaining some aspects of the 
chemistry in the leaching of gold reported by other researchers. The 
confirmation of the existence of these reported mixed copper(II)-ammonia-
thiosulfate complexes by direct experimental thermodynamic studies is hindered 
by the chemical instability of the complexes. The complexity and intricacy 
involved in such an experimental program would extend this project far beyond 
its original scope and therefore this area of study was not pursued during this 
investigation. 
 
Van Wensveen (In preparation), was the first to demonstrate, through kinetic 
studies using UV/Vis spectrophotometry, that the anions sulfate, chloride and 
perchlorate may be involved in mixed-complex formation with copper(II)-
ammonia. It was found that as the concentration of chloride, perchlorate or    42 
sulfate increased, the initial concentration of the mixed copper(II)tetrammine-
thiosulfate complex decreased. This was interpreted as being due to the co-
ordination of those anions with copper(II)tetramine, thereby establishing a 
competition between these anions and thiosulfate for coordination sites on the 
copper that reduces the rate of oxidation of thiosulfate.  
 
Similarly, Breuer and Jeffrey (2003a) showed from qualitative kinetic studies by 
UV/Vis spectrophotometry that the presence of anions such as sulfate, chloride, 
nitrate and phosphate significantly decreased the rate at which copper(II) was 
reduced by thiosulfate. This kinetic effect was explained by the competition 
between the anions and thiosulfate for complexation with copper(II) at the axial 
sites. This is consistent with the mechanism for copper(II) reduction by 
thiosulfate being an inner sphere reaction. 
 
The work covered by Breuer and Jeffrey; Van Wensveen (2003a; In 
preparation), being directly relevant to the thiosulfate leaching process for gold, 
warrants further investigation through thermodynamic studies of the copper(II)-
NH3 system in the absence of thiosulfate.  
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2.11 Selection of Methods for the Determination of Stability Constants 
Some of the methods previously employed to determine stability constants have 
been potentiometry, polarography and amperometry, solubility, liquid-liquid 
partition, ion exchange, optical and spectroscopic methods, ionic conductivity, 
partial pressure and reaction kinetics. Descriptions of these methods including 
their specificity and merits are thoroughly discussed elsewhere (Gans 2003; 
Martell and Hancock 1996; Rossotti and Rossotti 1961).  
 
The majority of the stability constant data reported in the literature were based 
on potentiometric, spectrophotometric, and specific electrode (ion selective 
electrode) potential studies (Martell and Hancock 1996). Only potentiometry 
and, to a lesser extent, solvent extraction and spectrophotometry have been 
generally used to study mixed-ligand metal complexes (Rossotti and Rossotti 
1961). 
 
Generally, potentiometric methods have proved themselves most reliable and 
versatile (Ahrland 1991). By far the largest number of stability constants has 
been determined by pH measurements using glass electrode potentiometry. 
This technique is suitable when ligands can be protonated and thus metal 
complex equilibria involving such ligands may be monitored through pH 
changes. However, there are many situations, especially at the extremes of 
high and low pH in which glass electrode potentiometric measurements are not 
sensitive to the equilibria being measured (Martell and Motekaitis 1990).    44 
 
The use of glass electrode potentiometry is unsuitable for the present 
investigation because the experimental conditions need to be relevant to 
thiosulfate leaching conditions and this involves fixed solution pH values of 
between 9.5 and 10. 
 
UV/Vis spectrophotometry was found to be a suitable technique by Black et al. 
(2002; 2003) to study copper(I)-ligand systems in that they monitored the 
absorbance of the chromophore for the CuCl3
2- complex (Sections 2.4, 2.5 and 
2.6). The present study of the complex copper(I)-NH3-S2O3
2- system in sulfate 
media involves the displacement of one ligand (ammonia) by another 
(thiosulfate) in the complexation with copper(I). This process does not involve a 
distinctive change in UV/Vis absorbance and thus UV/Vis spectrophotometry is 
an unsuitable method. However, the changes in complexation can be followed 
by potentiometry using ion selective electrodes (Martell and Hancock 1996; 
Martell and Motekaitis 1992), such as a copper wire electrode.  
 
UV/Vis spectrophotometry may be a suitable technique for the investigation of 
the copper(II)-NH3 system since the related complexes have an absorption 
band in the visible region (λmax 596 nm). Potentiometry using a platinum wire 
electrode may also be a suitable technique to study the thermodynamics of the 
redox couple copper(II)/copper(I). 
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2.12 Summary and Project Scope 
In order to tackle the more difficult problem of speciation in the copper(I)-NH3-
S2O3
2--SO4
2- and the copper(I)-NH3-S2O3
2--Cl
- systems, it is necessary to first 
study the speciation in the copper(I)-NH3, copper(I)-NH3-SO4
2-, copper(I)-NH3-
Cl
- and copper(I)-S2O3
2- systems under controlled experimental conditions of 
constant ionic strength (I = 3.0), pH 9.5 or 10 and temperature (25°C). An ionic 
strength of 3.0 was chosen for several reasons; 
 (i)   There is very little thermodynamic data available from the literature at the 
       higher ionic strengths. 
(ii)   Leaching conditions are likely to involve a relatively high ionic strength  
       specially in cases where highly saline process water is used, as is  
       commonly found in many parts of Australia. 
(iii)  High ionic strength allows the use of relatively high concentrations of ionic  
       ligands, resulting in a wider range of available conditions. 
 
The large variation of reported pKa (NH4
+) values with different cations and 
anions in solution at I = 3.0, makes it difficult to confidently select a pKa (NH4
+) 
value relevant to the present investigation. The marked difference between the 
quoted pKa (NH4
+) in sulfate media compared with those in other anionic media 
is unexpected. In addition, the scattered literature data over a range of ionic 
strengths warrants the determination of pKa (NH4
+) values directly relevant to 
the experimental conditions of the present study. Likewise, the reported stability 
constants for the Cu(NH3)2
+ complex are widely scattered over a range of ionic 
strengths in differing media. The data shows no simple relationship with ionic 
strength, thus impeding the selection of a precise stability constant value for use    46 
in the present investigation. Similar problems are encountered with the reported 
data for the copper(I)-S2O3
2- species. 
 
The lack of robust evidence for the existence of mixed-ligand copper(I)-NH3-Cl
- 
and copper(I)-S2O3
2--Cl
- complexes leads to the need to study the effect of high 
chloride levels on speciation in the copper(I)-NH3 and possibly the copper(I)-
NH3-S2O3
2- systems. 
 
Thermodynamic studies of the copper(II)-NH3 system would encompass 
establishing whether the anions sulfate, chloride and perchlorate are involved in 
the formation of mixed-ligand complexes with copper(II)-NH3 species in the 
absence of thiosulfate and the determination of the relevant stability constant 
values. 
 
Ion association with complex anions has seldom been mentioned in the 
literature and they should be considered throughout the present investigation. 
 
The speciation in copper(I)-ammonia solutions in the presence of various 
anionic ligands can be suitably studied by potentiometry using a copper wire 
electrode to monitor the potential of the Cu(I)-Cu(0) couple. The speciation in 
copper(II)-ammonia solutions may be studied using UV/Vis spectrophotometry 
or by potentiometry using a platinum wire electrode to monitor the potential of 
the Cu(II)-Cu(I) couple.    47 
3  PREDICTION OF STABILITY CONSTANTS FOR MIXED-LIGAND 
COMPLEXES OF COPPER(I) 
An attempt can be made to predict the speciation of copper(I) with the ligands 
ammonia and thiosulfate in the presence of sulfate or chloride, based on the 
thermodynamic data available from the literature (Chapter 2). There have been 
some attempts by previous authors to predict the stability of mixed ligand 
complexes from those of the corresponding single ligand complexes. These 
have been based on semi-empirical relationships between the standard free 
energies of the mixed-ligand complexes and the corresponding parent 
complexes. The applicability of these relationships to predict β values for mixed-
ligand complexes will be demonstrated in the proceeding sections of this 
chapter.  
 
3.1 Method  1 
Various mathematical models have been proposed for the approximation of 
stability constants for mixed complexes, some of which were based mainly on 
electrostatic effects (Kida 1961; Marcus and Eliezer 1962; Marcus et al. 1965). 
One mathematical model applied for mixed-ligand complexes of nickel(II) 
(Jackobs and Margerum 1967) encompasses the effects of charge, chelation 
and the number and types of groups bound to the metal before and after mixed-
complex formation (equation 3.1). This model was based on the estimation of 
the free energy changes, ΔG, associated with the above effects.    48 
 
) ( ) ( 1 2 1 XC XN DZ Z Ch LC LN NiLX G c G n G Z G Z Z G d G a G b G Δ + Δ + Δ + Δ + Δ + Δ + Δ = Δ (3.1) 
  In which   bΔGLN is for b bound nitrogens 
      aΔGLC is for a bound carboxylate groups 
      dΔGCh is for d chelate rings formed by X 
      Z 1Z2ΔGZ is the ion-ion interaction term. 
      Z 1 = charge of NiL 
      Z 2 = charge of X 
      Z 1ΔGDZ is the ion-dipole term 
      nΔGXN and cΔGXc = ΔG resulting from the replacement of coordinated water by 
 n amine bonds and c carboxylate bonds. 
 
The first two terms in equation 3.1 refer to the effect that groups coordinated to 
the nickel have on the coordination of the second ligand. The remaining terms 
are for the interaction of the second ligand, X, with the metal-ligand complex 
NiL.  
 
Equation 3.1 was adopted for the prediction of stability constants for mixed 
ammonia-thiosulfate complexes of copper(I) and the results are presented in 
Table 3.1. The term dΔGCh was omitted from this table since no chelation is 
involved in the copper(I)-NH3-S2O3
2- system. Values for ΔGLN and ΔGLS were 
estimated to be – 5.0 and – 6.0 respectively, based on the assumption that 
there is the same difference between the stepwise formation constants of the 
parent complexes copper(I)-NH3 and copper(I)-S2O3
2-. This was the case for the 
Ni(II)-NH3 complexes as shown by Jackobs and Margerum (1967). This seems 
also to be the case for the copper(I)-S2O3
2- complexes but not for the copper(I)-
NH3 complexes where the β values for the Cu(NH3)3
+ and Cu(NH3)2
+ complexes 
are very close (Section 2.5).    49 
 
Table 3.1  Calculated ΔG values (kcal) for mono-ligand and mixed-ligand 
complexes of copper(I) compared with observed ΔG values. 
ΔGComplex  Complex  bΔGLN  aΔGLS Z 1Z2ΔGZ Z 1ΔGDZ  nΔGXN  cΔGXS 
Calc. Obs.   
a 
CuS2O3
- 
Cu(S2O3)2
3- 
Cu(S2O3)3
5- 
 
 
 
     0 
1x  -5.0 
2x  -5.0 
-1x  1.03 
3x  1.03 
5x  1.03 
-1x  0.61 
-3x  0.61 
-5x  0.61 
 -12.67 
-12.67 
-12.67 
-12.25 
-16.41 
-20.57 
-12.67 
-16.74 
-18.69 
Cu(NH3)
+ 
Cu(NH3)2
+ 
Cu(NH3)3
+ 
     0 
1x  -6.0 
2x  -6.0 
  
 
 
 -7.91 
-7.91 
-7.91 
 -7.91 
-13.91 
-19.91 
-7.91 
-14.48 
-12.71 
Cu(NH3)(S2O3)
- 
Cu(NH3)(S2O3)2
3- 
 
Cu(S2O3)(NH3)
- 
Cu(S2O3)2(NH3)
3- 
 
  -6.0 
 
 
 
  -5.0 
  -5.0 
 
  -5.0 
2x  -5.0 
-1x  1.03 
3x  1.03 
 
 
 
-1x  0.61 
-3x  0.61 
 
 
 
 
 
 
-7.91 
-7.91 
-12.67 
-12.67 
 
 
 
-19.3 
-22.41 
 
-12.9 
-17.91 
NR 
  ΔGLN = -5.0, ΔGLS = -6.0, ΔGZ = 1.03, ΔGDZ = 0.61, ΔGXN = -7.91, and ΔGXS = -12.67 kcal. 
  
a  ΔG values based on β values from Chapter 2.    NR = Not reported 
 
Some uncertainty is expected in the calculated values of ΔGComplex since the 
values for ΔGZ and ΔGDZ used are specific for nickel(II) rather than copper(I) 
(extracted from Jackobs and Margerum (1967)). Agreement between the 
calculated and observed ΔGComplex values for the mono-ligand complexes 
(except for Cu(NH3)3
+) is shown in Figure 3.1.    50 
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Figure 3.1  Comparison of the calculated and observed ΔGcomplex values 
for copper(I)-NH3 and copper(I)-S2O3
2- complexes (data from Table 3.1). 
 
The deviation from linearity with a slope of 1 for the copper(I)-amines was due 
to the outlier observed value of the Cu(NH3)3
+ complex. Due to the uncertainty 
of the reported values of this complex, the ΔGComplex values for mixed copper(I)-
NH3-S2O3
2- complexes were calculated using the calculated ΔGComplex values of 
the mono-ligand complexes.    51 
 
3.2 Method  2 
When the stability constants of mono-ligand complexes of a metal are plotted 
against the coordination numbers for a particular ligand, a linear relationship is 
generally observed. Other ligands show parallel linear relationships with the 
same metal. Some empirical relationships have been described for the 
stabilities of mixed ligand complexes and the corresponding parent complexes 
(Beck 1970) and these relationships can be used to predict the stabilities of 
unknown complexes with other metals of the same group in the periodic table 
such as silver(I) and copper(I). 
 
Figure 3.2 portrays graphically the stability constants for the Ag(I)-NH3-S2O3 
system reported by Perera and Senanayake (2004) and DeMarco et al. (1986). 
All mixed ammine/thiosulfato complexes showed stabilities close to those of the 
Ag(I)-S2O3
2- complexes. The Ag(NH3)(S2O3)
- (Ag(I)-1N1S) complex reported by 
both groups is more stable (higher value of log β) than either the AgNH3
+ (1N) 
or the AgS2O3
- (1S) complexes. The Ag(NH3)2(S2O3)
- (2N1S) complex reported 
by DeMarco et al. (1986) has the same β value as the Ag(S2O3)2
3- (2S) 
complex.    52 
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Figure 3.2  Stability constants for the Ag(I)-NH3-S2O3
2- system reported by 
Perera and Senanayake (2004) and 
•
DeMarco et al. (1986). The ligands S = 
S2O3
2- and N = NH3. 
 
Based on the difference in stabilities between the silver(I) parent complexes (1N 
and 1S) and the reported values for the mixed complex Ag(NH3)(S2O3)
-, the 
relationship shown in equation 3.2 can be used to predict the stability of the 
Cu(NH3)(S2O3)
- complex. 
 
   S N S S N Log 1 1 1 3
1
1 1 log ) log (log β β β β + − × =     (3.2) 
 
Using the reported β values for the copper(I) complexes in equation 3.2, the 
predicted value for the Cu(I)-1N1S complex is 11.87 (Figure 3.3).    53 
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Figure 3.3  Stability constants for the copper(I)-NH3, copper(I)-S2O3
2- and 
copper(I)-Cl
- systems reported by Stupko et al. (1998), Toropova et al. 
(1955) and Solis et al. (1995).    54 
 
3.3 Method  3 
The linear free energy relationships developed by Finkelstein and Hancock 
(1974) provide a convenient and useful method of comparing stability constants 
of complex species of two metals of the same group in the periodic table such 
as Cu(I) and Ag(I). The relationship between log β (Cu(I)-L2) and log β (Ag(I)-L2) 
is shown in Figure 3.4, in which L is Cl
-, Br
-, I
-, thiourea (tu), NH3, S2O3
2-, SO3
2- 
or CN
-. A better correlation is obtained when NH3 is excluded (correlation 
coefficient increases from 0.94 to 0.96). Using the log β value for the Ag(I)-
1N1S complex (log β = 10.8) reported by Perera and Senanayake (2004), the 
predicted value for the Cu(I) )-1N1S complex would be the same i.e. log β = 
10.8. This value is one order of magnitude lower than that predicted by method 
2 above. 
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Figure 3.4  Linear free energy correlation between log β (Cu(I)-L2) and log 
β (Ag(I)-L2) with different ligands (L). 
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Since a Ag(NH3)2(S2O3)
- complex (Ag(I)-2N1S) was reported by DeMarco et al. 
(1986), it is possible to predict a β value for a Cu(I)_2N1S complex. This can be 
done by studying the thermodynamic data available for tri-ligand complexes of 
copper(I) and silver(I) using linear free energy relationships as shown in Figure 
3.5. Understandably, a better correlation is obtained if the ligands are separated 
into two groups, viz a S- group and a halide- group. The stability for the metal 
complexes increased in the order Cl
- < Br
- < I
- for the halide group and SO3
2- < 
SCN
- < S2O3
2- for the S- group. These sequences can be explained by a 
combination of the softness/hardness concept and the steric effects of the 
ligands (Marcus 1997; Martell and Hancock 1996). 
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Figure 3.5  Correlation between log β (Cu(I)-L3) and log β (Ag(I)-L3) with 
different ligands (L). 
 
Using the S- group correlation which is more closely related to the complex of 
interest, the predicted log β value for the Cu(I)-2N1S complex is 14.27. This 
value is reasonably close to the 3S value of 13.7 shown in Figure 3.3. 
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3.4 Method  4 
This method is based on linear free energy relationships between the parent 
complexes copper(I)-NH3 and copper(I)-S2O3
2- and corresponding Ag(I) 
complexes to predict a β value for a mixed-ligand copper(I) complex, using a 
reported value of the respective mixed-ligand Ag(I) complex. 
 
Figure 3.6 shows the linear correlation between stability constants of Cu(I)Ln 
and Ag(I)Ln for n = 1 and 2 and where L = NH3 or S2O3
2- (Smith et al. 2004; 
Stupko et al. 1998; Toropova et al. 1955). The dashed line denotes a linear 
relationship based on the average slope of the two lines (equation 3.3). 
 
  Log  β(Cu)  =  0.5 (1.510 + 1.019) log β(Ag)   (3.3) 
 
It is assumed that the dashed line represents the linear correlation for the mixed 
complex M(NH3)(S2O3)
-, M-1N1S. Based on the Ag(I)-1N1S stability constant 
reported by Perera and Senanayake (2004), the predicted constant for Cu(I)-
1N1S would be 13.66. 
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Figure 3.6  Correlation of stability constants for copper(I)-NH3 and 
copper(I)-S2O3
2- species (Stupko et al. 1998; Toropova et al. 1955). Ag data 
at I = 3 and 25 °C from Smith et al. (2004). Ligand S = S2O3
2- and N = NH3.  
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3.5 Summary 
Method 1 differs from the other methods in that it is independent of any reported 
β values for mixed-ligand complexes. In this respect it has the greatest and 
most useful predictive value. 
 
The predicted β values for mixed ligand complexes of copper(I) (Table 3.2) 
using the various methods shows a wide spread for Cu(I)-1N1S. 
Table 3.2  Predicted stability constant values for mixed 
ammine/thiosulfate complexes of copper(I) using various methods. 
Predicted log β Values 
Cu(I)-1N1S Cu(I)-2N1S  Cu(I)-1N2S 
Method 
14.15 or 9.46    16.43 or 13.13  1 
11.87    2 
10.82 14.27    3 
13.66    4 
 
Generally, the accuracy of prediction of the stability constants for unreported 
mixed-ligand complexes is low (Beck and Nagypal 1990). Also the existence of 
species not reported in the literature based on empirical relationships between 
the parent complexes and the mixed-ligand complexes may be flawed in some 
instances, such as in the case of the copper(I)-amines. It is necessary to 
experimentally determine whether such unknown new species would exist 
under particular experimental conditions. However, some complexes, such as 
those of the copper(II)-thiosulfate system, may be kinetically unstable and 
cannot be studied under equilibrium conditions. In such cases, approximate 
stability constants can be obtained from an analysis of kinetic data.   59
4  THERMODYNAMIC PRINCIPLES AND POTENTIOMETRY 
4.1  Potentiometry of Copper(I) Species 
During the potentiometric study of systems that involve complexation with 
copper(I), the reduction potential of the Cu(I) – Cu(0) couple is monitored using 
a copper wire electrode that is denoted as the test electrode (TE). 
The accepted value for the potential of this couple in the absence of stabilizing 
ligands is given by 
 Cu
+  +  e
-    '     Cu     E° = 0.521 V     (4.1) 
 
The equilibrium potential acquired by a copper test electrode (TE) in a solution 
of copper(I) in equilibrium with a ligand is given by the Nernst equation, 
 
 E Cu(I)  =  E°  +  0.0591 log [Cu
+] (at  25  °C)    (4.2) 
 
The cell systems generally consist of two half-cells connected through a liquid 
junction and may be represented as; 
 
    TE⏐ test solution  (1) ⏐⏐ salt bridge  (2) ⏐⏐ reference solution (3) ⏐ RE 
             Ej(1,2)        Ej(2,3)     
      In  which  RE  is  the  reference  electrode. 
 
The voltage of this type of cell is given by the difference of the potentials of TE 
and RE plus the two liquid junction potentials Ej(1,2) and Ej(2,3). 
 
 E Cell  =  ETE  +  Ej(1,2)  +  Ej(2,3)  -  ERE     (4.3) 
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The salt bridge solution is the same as the test solution but without copper(I) 
which is generally at a concentration that is orders of magnitude lower than that 
of the background electrolyte. Thus, the value for Ej(1,2) may be assumed to be 
zero. 
 
By combining the expressions 4.2 and 4.3, the cell voltage is then given by: 
 E Cell  =  E°  +  0.0591 log [Cu
+]  +  Ej(2,3)  -  ERE    (4.4) 
 
The value of Ej(2,3) may be small if an ion in one electrolytic solution is replaced 
by the same concentration of another ion of the same charge and of very similar 
mobility. Also if the transport numbers of the bridge cation and anion are 
approximately equal, the two potentials will be of almost the same magnitude 
but opposite sign, and the resultant value of Ej(2,3) will approach zero (Rossotti 
and Rossotti 1961). A high concentration of background salt helps maintain a 
constant ionic strength and thus eliminate the changes in junction potentials and 
activity coefficients. 
 
The ionic strength (I) of a solution may be calculated using equation 4.5. The 
summation is carried out over all the ions present in the solution. 
 
   ∑ =
2 5 . 0 i iz c I       ( 4 . 5 )  
                    in which     i c  is the concentration of ion i in mol/l and 
                           i z is the charge of ion i 
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Based on the Henderson equation (Baes and Mesmer 1976), the liquid junction 
potential Ej(2,3) may be calculated using the expressions below.  
 
   ) ( 3 2 ) 3 , 2 ( i i i c c D Ej − =∑       ( 4 . 6 )  
in which 
  
i i i i
i i
i c z z
z
F
RT
D
λ
λ
∑
⋅ =       ( 4 . 7 )  
     i n   w h i c h   λi is the equivalent conductance of ion i 
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4.2  Potentiometry of Copper(II) Species 
Systems that involve complexation with copper(II) are conveniently studied by 
potentiometry in that the reduction potential of the Cu(II) – Cu(I) couple is 
monitored using a platinum wire electrode (TE). The accepted value for the 
potential of this couple in the absence of stabilizing ligands is given by 
 Cu
2+  +  e
-    '     Cu
+   E ° = 0.153 V     (4.8) 
 
And the corresponding Nernst equation is 
  
] [
] [
log 0591 . 0
2 ) ( / ) ( +
+
− =
Cu
Cu
E E I Cu II Cu
ο      (4.9) 
 
The principles of liquid junction potentials and activity coefficients apply for this 
system in the same manner as described previously (Section 4.1). Obviously 
this method can only be used to derive constants for copper(II) species if the 
corresponding values for copper(I) are known or vice versa. 
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4.3  Simple Speciation Systems 
Potentiometric studies of the copper(I) systems use the ligand competition 
approach or replacement reaction, starting with a metal-ligand system and 
introducing either a higher concentration of the same ligand or a second ligand. 
When two ligands are studied, displacement of one ligand by the other may 
occur or a mixed ligand complex of the metal may form. This depends on the 
relative stabilities of the single metal-ligand complexes involved. If the solution 
potential does not change with the introduction of the second ligand, then no 
significant complexation is involved between the second ligand and the metal 
ion under study or the stability constants with the two ligands are very similar 
(Popel and Boos 1969).  
 
Figure 4.1 shows an example of a typical potentiometric curve in which 
complexation takes place in a mono-ligand complex system. 
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Figure 4.1  Example of a potentiometric curve representing the formation 
of a mono-ligand metal complex.  
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For an electrode that is reversible for a metal/metal ion system, Cu/Cu
+, the 
reaction at the electrode is, 
Cu
+  +  e
-    '        C u           ( 4 . 1 0 )  
For an equilibrium reaction involving complexation of Cu
+ by the reaction  
Cu
+  +  nA    '    CuAn
+   with stability constant βCuA 
n
CuAn
n
A
CuA
Cu
] [
] [
] [
β
+
+ =         ( 4 . 1 1 )  
where [A] is the concentration of the free ligand. 
 
and substitution of [Cu
+] from 4.11 into equation 4.4 gives 
  RE n
CuAn
n
Cell E Ej
A
CuA
E E − + + =
+
) 3 , 2 ( ] [
] [
log 0591 . 0
β
ο     (4.12) 
 
Assuming that Ej(2,3) is negligible, 4.12 can be rearranged to 
 
n
n
RE Cell CuAn A
CuA
E E E
] [
] [
log 0591 . 0 log 0591 . 0
+
+ − − =
ο β    (4.13) 
 
If we assume that all M
+ is complexed to form MAn
+, then [MAn
+] = [M
+]T and 
when [M
+]T = 1 and [A] = 1, then 
 
0591 . 0
log
RE Cell
MAn
E E E − −
=
ο
β        ( 4 . 1 4 )    65
 
Ligand coordination numbers can be obtained graphically using linear least 
squares curve fitting based on the expression from equation 4.17, which is 
derived from equation 4.2. 
RE
T
n
Cell E
M
A
E E − − =
] [
] [
log 0591 . 0
ο         ( 4 . 1 5 )  
 
  RE T Cell E A n M E E − − + = ] log[ 0591 . 0 ] log[ 0591 . 0
ο    (4.16) 
 
  RE T Cell E A n E M E − − = − ] log[ 0591 . 0 ] log[ 0591 . 0
ο    (4.17) 
 
The coordination number, n and the standard potential, E° can be obtained 
graphically from the slope and y-intercept respectively. The example in Figure 
4.1 produced the values n = 2.4 (143.93/59) and E° = -184.5 mV. 
 
The stability constant for the MAn
+ complex can then be calculated using the 
pre-determined E° value using equation 4.14. 
 
Accurate β values may be determined this way when the value of n is close to 
an integer (1, 2 or 3) indicating that only one complex predominates. However, 
this method is unsatisfactory for the results shown in Figure 4.1, which 
corresponds to a value of n = 2.4 indicating the presence of more than one 
complex. 
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4.4 Complex  Systems 
For complex systems where two ligands may be involved in the complexation of 
the metal ion, major emphasis can be placed on concentration changes of one 
ligand. For example, Figure 4.2 shows potentiometric curves obtained by 
titration of a copper(I)-thiosulfate solution with ligand B (bromide) at a set 
concentration of ligand A (thiosulfate). Values of coordination number, n for 
ligand B can be obtained graphically as explained in section 4.3. Values of n for 
ligand A can be obtained from the slope of a plot of Ecell versus log [A] at a fixed 
value of [B]. Overlapping titration curves at different concentrations of ligand A 
would indicate that ligand A is not involved in complexation with the metal ion. 
The curves in Figure 4.2 do not overlap, indicating that both ligands A and B are 
involved in complexation with the metal ion and possibly form mixed-ligand 
complexes. 
   
Figure 4.2  Variation of log ϕ = (Eval – E0)/0.0591 with log [Br
-] at increasing 
thiosulfate concentrations. Extracted from Boos and Popel (1970). 
   67
 
There are many programs available commercially for the determination of 
coordination numbers and stability constants such as BEST, Hyperquad and 
ESTA to name just a few (Gans 2003; Martell and Motekaitis 1992; May et al. 
1988; Sabatini and Vacca 1992). These programs may be applied to complex 
speciation systems, but in some instances one may arrive at a choice of two or 
more speciation models, based on the best fit to the data (Black et al. 2003; 
Solis et al. 1995). 
 
In this project a program was developed in-house using an Excel spreadsheet 
in conjunction with the Solver routine. The design of the program facilitated the 
rapid identification of problems involving groups of experimental data which 
would not fit the mathematical model for experimental limitations, such as very 
low free ligand concentrations. The results provided in this approach enabled 
the identification of individual factors to address such issues. For example, the 
measured data in solutions of low thiosulfate concentrations showed a poor fit 
due to poor accuracy of the calculation of the free thiosulfate concentration.  
 
The program incorporated mass balance equations (4.18, 4.19 and 4.20) for the 
ligands and metal ions derived from the equilibria 2.1, 2.2 and 2.3 and they are 
shown below. 
∑ ∑
= = =
+ + =
n
m n
m n
n
n
n F T B MA n MA n A A
1 , 1 1
] [ ] [ ] [ ] [       ( 4 . 1 8 )  
 
∑ ∑
= = =
+ + =
m
m n
m n
m
m
m F T B MA m MB m B B
1 , 1 1
] [ ] [ ] [ ] [       ( 4 . 1 9 )    68
 
 
Note: [A]F and [B]F are the concentrations of free or uncomplexed ligand, [M]F is 
the concentration of the free or uncomplexed metal. 
 
∑ ∑ ∑ + + + = ] [ ] [ ] [ ] [ ] [ m n m n F T B MA MB MA M M      ( 4 . 2 0 )  
 
The initial calculations use estimated values of the unknown constants. At a 
given measured equilibrium point, the simultaneous equations 4.18, 4.19 and 
4.20 are solved for each component and used to estimate a potential “calcEC” 
(calculated ECell) using equation 4.21. This process is repeated for all measured 
equilibrium points.  
⎟
⎟
⎠
⎞
⎜
⎜
⎝
⎛
+ + +
+ =
∑∑∑
m n
MAnBm
n
MBn
n
MAn
T
C B A B A
M
E calcE
] [ ] [ ] [ ] [ 1
] [
log . 0591 . 0
β β β
ο (4.21) 
The value of calcEC is compared with the measured ECell through the 
summation “SUM” which is the sum of the squares of the residuals between the 
observed and calculated cell potentials. 
 
The use of the Solver algorithm for computing equilibrium constants involves 
starting with a set of known (where available) and estimated values of the 
stability constants and calculating “calcEC“ at all measured equilibrium points. 
The unknown stability constants are then adjusted and the calculations are 
repeated until no further minimization of SUM is obtained, thus giving the best 
estimates of the β values. The standard deviation and correlation coefficient of   69
these final values is obtained using the macro SolvStat.xls. Fig. 4.3 shows an 
example of results obtained using this technique. 
 
Figure 4.3  Results obtained from using an Excel spreadsheet for the 
determination of coordination numbers and stability constants.   70
 
The validity of the chosen speciation model and the quality of the estimated 
stability constants can be assessed by compliance with the following factors; 
1.  The graph as shown in Figure 4.3 portrays a degree of agreement between 
the calculated and observed ECell values, thus providing a perspective on the 
converged residuals. The correlation coefficient and slope of the line should 
ideally be 1. These values are also obtained by applying the macro SolvStat.xls. 
2.  There should be no difference between the estimated and the final 
calculated values of the free ligand concentrations. 
3.  The sum of the squares of the residuals between the observed and 
calculated ECell values should be as close to zero as possible. This sum is 
directly proportional to the number of experimental data points used and may 
vary with the speciation system studied. 
4.  The standard deviation for the logarithm of each stability constant 
determined should be less than 0.1. If a log β value has a standard deviation 
greater than 0.1, then its validity is questionable. The accuracy of the stability 
constant determined is dependent on the species being present at significant 
levels (greater than 10 %). 
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4.5 Preliminary  Assessment of Speciation Models 
In cases involving the formation of mixed-ligand complexes of a metal ion, there 
may be a large number of feasible speciation models. It could prove to be very 
tedious and time-consuming to test all speciation models using the approach 
described above. The number of feasible speciation models can be 
considerably reduced to two or three by performing preliminary tests. These 
tests are semi-quantitative and they are based on graphical fitting of the 
experimental data to a speciation model using total ligand concentrations.  
 
For example for a speciation model with species MB and MB2 in the presence 
of MA2, 
From equations 2.1 and 2.2; 
] ][ [
] [
B M
MB
MB = β   
2
2
2 ] ][ [
] [
B M
MB
MB = β   
2
2
2 ] ][ [
] [
A M
MA
MA = β    (4.22) 
 
Incorporate the expressions from 4.22 into 4.17. Then, solve for [M]F in 4.17 and 
substitute into 4.4, assuming Ej(2,3) is negligible, to obtain the following 
expression; 
2
2
0591 . 0
2
2 ] [ 1
10
] [
] [ ] [ A
M
B B MA E E E MB MB
RE Cell
β β β − − = +
⎟
⎟
⎠
⎞
⎜
⎜
⎝
⎛ + −
ο              (4.23) 
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The right hand side of equation 4.23 is assigned “Y”. Then plot Y versus [B] and 
fit the experimental data to a polynomial curve and obtain values for βMB and 
βMB2 graphically. 
 
These tests are most effective when the free ligand concentrations (although 
not calculated and applied here) are in excess. Further assessment by more 
rigorous computation (Section 4.4) of the appropriate speciation model then 
becomes a more manageable task. 
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5  EXPERIMENTAL METHODS AND MATERIALS 
5.1  General Experimental Conditions 
For the accurate determination of stability constants of each species in solution, 
experiments were conducted in a way so that all variables except the 
concentration of the test ligand are effectively constant throughout a 
potentiometric titration experiment.  
 
All experiments were carried out in the absence of oxygen (unless otherwise 
stated) using solutions prepared from analytical grade reagents (Univar, 
Pronalys or Chem-Supply) and Milli-Q water. Other reagents used were 
ammonia solution (28 % w/w, Univar), ammonium perchlorate (Kanto Chemical 
Co.), copper powder of particle size < 63 μm (Merck), silver chloride LR 
(Labchem), standard buffer solutions (pH 4, 7 and 10) and standard solutions of 
H2SO4, HCl and NaOH (BDH). 
 
The test solution temperature was kept constant by circulating water at 25 ± 1 
°C from a thermostatted water bath through the outer jacket of the cell. The cell 
and the water bath were allowed to equilibrate to 25°C for approximately 10 
minutes before measurements were taken. 
 
All experiments were conducted at constant ionic strength of 3.0 (NanX). The 
anionic media (X
n-) was SO4
2-, Cl
-, ClO4
- or NO3
-. Nitrogen gas was used as the 
inert atmosphere. The pH was either 10 or 9.5 ± 0.1. 
The pH electrodes were calibrated daily using standard buffer solutions of pH 4, 
7 and 10.   74
 
5.2  Preparation of Copper(I) Solutions 
Copper(I) solutions were prepared by overnight roll-mixing in sealed bottles of 
aqueous copper(II) sulfate in the presence of ammonia, ammonium salt, sodium 
salt and copper metal powder. During this process the copper metal reacts with 
the blue Cu(NH3)4
2+ by the reaction: 
 Cu(NH3)4
2+  +  Cu          2Cu(NH3)n
+  +  (4-2n)NH3   (5.1) 
       In  which  n  =  1,  2  or  3 
 
Since the standard potential difference for this reaction is approximately 0.12 V 
(Braish et al. 1984), the reaction goes to completion and the resulting solution is 
completely colourless. Any oxygen originally in the container is removed by the 
oxidation of copper(I) to copper(II), Therefore, while oxygen is present the 
copper metal will dissolve through the formation of copper(I) ammines which 
then oxidise to copper(II) amines. Once the oxygen in the mixing vessel is 
depleted, reaction 5.1 dominates leading to a clear copper(I) solution as the 
final product. 
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The composition of the copper(I) solutions A and B, which are used in sections 
5.5, 5.6, 5.8 and 5.9.2, are given in Table 5.1. 
 
Table 5.1  Composition of copper(I) solutions A and B 
Reaction Vessel   
Solution  Capacity 
(mL) 
Material 
Volume  
0.01 M CuSO4 
(mL) 
Volume  
NH3/NH4X * 
(mL) 
Final 
Vol. 
(mL) 
 
Cu(s) 
(g) 
 
Medium 
I = 3.0 
A 60  Polyethylene  20  20  40  0.16  NaX* 
B 250  glass  Variable  Variable  200  1.8  NaX* 
  *  X = Cl
-, ClO4
- or SO4
2-. 
 Note:  NH3/NH4
+ is always at a molar ratio of 1:1. 
 
The final concentration of copper(I) in both solutions A and B was 0.03 M (± 
0.003), which was determined by flame atomic absorption spectrophotometry, 
AAS (GBC 933AA). Care was taken, once air was introduced to either solution 
A or B, that immediate sub-sampling for AAS analysis was made to minimise 
further oxidation and dissolution of the remaining Cu powder. 
 
5.2.1 Experimental  Limitations 
The formation of colourless copper(I)-NH3 species in solution depended on a 
minimum final [NH3]T:[Cu(I)] ratio of 13:1 (after rolling) or a minimum initial 
[NH3]T:[Cu(I)] ratio of 80:1 (before rolling). This was based on experimental trials 
carried out at a fixed copper(II) concentration of 0.005 M to produce a copper(I) 
concentration of 0.03 M.  
 
In order to control the pH, one needed to maintain a [NH3]:[NH4
+] ratio of 1:1 
(Section 2.3). Thus, the concentration range of ammonia studied was   76
dependant on the ammonium salt concentration, which was restricted either by 
its limiting solubility or the fixed experimental ionic strength of 3.0. 
 
For the preparation of copper(I)-ammonia solutions in perchlorate media, the 
upper limit for the [NH3]T:[Cu(I)] ratio is 33:1. This is due to the low solubility of 
NH4ClO4.H2O of 10.74 g/100 mL water (Lide 2000), which leads to the highest 
operable NH4ClO4 concentration being 1 M. 
 
For the preparation of copper(I)-ammonia solutions in sulfate media, the upper 
limit for the [NH3]T:[Cu(I)] ratio is 150:1. This is due to the ionic strength having 
to be 3.0, which leads to the highest applicable (NH4)2SO4 concentration being 
2 M.  
 
5.2.2  Evaluation of Roll-mixing for Loss of Ammonia 
Test solutions consisting of varying ammonia concentrations (2.0, 1.0, 0.5 and 
0.25 M) were roll-mixed overnight in 60 mL polyethylene bottles. The ammonia 
concentration was determined before and after roll-mixing by titration with 1 M 
HCl using methyl red as indicator. 
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5.3 Electrochemical  Cell  System 
The electrochemical experiments were carried out in a conventional two-
electrode system consisting of either a copper wire electrode or a platinum wire 
electrode. The reference electrode was a silver/silver chloride electrode 
(SSCE), which was checked regularly against a 3 M KCl saturated calomel 
electrode (SCE), 0.241 V vs. SHE. All potentials were measured using a digital 
multimeter (Keithley Instruments model 179) and they were reported against the 
SSCE. Figure 5.1 shows the electrodes that were constructed in the laboratory. 
 
 
Figure 5.1  Electrodes used in the study. From left to right: platinum wire, 
copper wire and silver/silver chloride electrodes.   78
 
All experiments were carried out in a titration vessel (Metrohm) as illustrated in 
Figure 5.2. 
 
Figure 5.2  Photo of cell system 2. A) gas inlet/outlet tube; B) glass cell; C) 
burette tip; D) reference electrode assembly; E) magnetic stirrer bar; F) 
copper wire electrode; G) water inlet; H) water outlet; I) cell cover. 
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To avoid loss of ammonia the titration vessel was kept tightly closed and the 
potentiometric experiments were performed under an atmosphere of nitrogen 
which had been passed through an ammonia-ammonium salt solution of the 
same concentration as the test solution. The flow rate of the nitrogen gas was 
kept constant in every experiment. Stirring was performed using a magnetic 
stirrer bar. Titrations were conducted using a Metrohm 665 Dosimat autotitrator. 
Before each titration, the copper or the platinum wire was polished with 
waterproof silicon carbide paper FEPA (500 grit followed by 2400 grit), washed 
with water and wiped dry.  
 
In order to prevent contamination of the test solutions with the KCl from the 
reference solution the reference electrode was separated from the test solution 
by a salt bridge. The salt bridge contained the same concentration of ammonia 
and ammonium salt and was of the same ionic strength as the test solution. The 
salt bridge was filled with fresh solution before each titration. 
 
Three cell systems were employed at different stages of the project. 
 
5.3.1  Cell System 1:  Acid – Base Titrations 
The experiments performed for the determination of the dissociation constant of 
ammonium ion in various media (Section 5.4) involved acid – base titrations and 
used a combined pH glass electrode (Metrohm with 3 M KCl electrolyte). The 
cell system was similar to that shown in Figure 5.2 but without nitrogen flushing.  
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All pH measurements carried out in cell systems 2 and 3 used a plastic bodied 
pH electrode (TPS). 
 
5.3.2  Cell System 2:  Copper(I) – Copper(0) Couple 
This cell system was used for all the investigations involving copper(I) species. 
The electrochemical cell consisted of a copper wire working electrode and a 
Ag/AgCl reference electrode with a salt bridge (Figure 5.3). The potential of the 
copper wire electrode was measured against the reference electrode in the test 
solution and taken as the formal reduction potential of the Cu(I) – Cu(0) couple.  
 
 
Cu⏐ I = 3.0 (A) ⏐⏐ I = 3.0 (B) ⏐⏐ 3.0 M KCl, AgCl ⏐ Ag 
      test solution    salt bridge      Reference electrode   
 
 
  A = Cu(I) + NH3 + (NH4)nX + NanX 
  B = same as A without Cu(I). 
  X = X
n- = SO4
2-, ClO4
-, Cl
- or NO3
-. 
 
Figure 5.3  Schematic representation of cell system 2 
 
 
5.3.3  Cell System 3:  Copper(II) – Copper(I) Couple 
This cell system was used to study the copper(II)-ammonia system. 
The electrochemical cell consisted of a platinum wire electrode and a Ag/AgCl 
reference electrode with a salt bridge (Figure 5.4). The formal reduction 
potential of the Cu(II) – Cu(I) couple was obtained from the potential of the 
platinum wire electrode against the reference electrode. 
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Pt⏐ I = 3.0 (A) ⏐⏐ I = 3.0 (B) ⏐⏐ 3.0 M KCl, AgCl ⏐ Ag 
        test solution    salt bridge      Reference electrode   
 
 
  A = Cu(I) + Cu(II) + NH3 + (NH4)nX + NanX 
  B = same as A without Cu(I) and Cu(II). 
  X = X
n- = SO4
2-, ClO4
- or Cl
-. 
 
Figure 5.4  Schematic representation of cell system 3 
 
When using cell system 2 constant potential difference values were obtained 
within milliseconds following the introduction of a reagent such as ammonia or 
thiosulfate and they were reproducible within 2 mV. When using the cell system 
3, constant and reproducible cell potentials were obtained quickly once a 
significant concentration of copper(I) species were present in solution. 
 
In most cases each titration was performed at least in duplicate, most often in 
triplicate and sometimes in quadruplet. The pH was measured at the beginning 
and end of each titration. In some cases (Section 5.9.2) the pH was measured 
throughout each titration. 
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5.3.4 Reference  Electrode   
The reference electrode was a laboratory constructed Ag/AgCl electrode 
consisting of a glass casing, silver wire and the filling solution (Figure 5.1). The 
glass casing was fitted with a porous glass frit (porosity 3 or 4) tip. The filling 
solution was 3 M KCl saturated with AgCl. 
 
The following procedure was performed when the AgCl coating on the Ag wire 
appeared too thin or approximately every month. 
 
Silver wire (10 cm long, 2 mm diameter) was polished with waterproof carbide 
paper 500 followed by 2400 grit. The wire was then washed with 1 M HNO3  
and rinsed with water. The silver wire and a platinum wire were immersed in a 3 
M KCl solution. The silver wire was connected to the positive terminal of a 1.5 
volt (size C) battery and the platinum wire was connected to the negative 
terminal. After 60 seconds the silver wire was disconnected and placed in the 
glass casing containing filling solution. The electrode was ready for use 2 days 
after preparation and it was tested against a standard calomel reference 
electrode (Activon) in pH 4 buffer solution. At the end of each titration the glass 
casing was re-filled with fresh filling solution. When not in use this Ag/AgCl 
electrode was stored in a glass tube containing the same filling solution with a 
few milligrams of AgCl. 
 
For experiments performed in perchlorate media, the Ag/AgCl electrode was 
prepared in 3 M NaCl to avoid precipitation of KClO4.   83
 
5.4  Dissociation Constant (pKa) of Ammonium Ion 
These experiments were performed in a titration vessel (Figure 5.2) using cell 
system 1 and they were conducted in triplicate for each medium. An aliquot of 
ammonia solution (25 mL) in NanX medium was titrated with an acid solution 
(HnX) of the same anion, X
n- (Table 5.2). The pH was recorded using a 
combined pH glass electrode (Section 5.3). Each ammonia solution in NanX 
medium was standardised against standard 1 M HCl using methyl red as 
indicator. The 3 M HNO3 solution was standardised against a standard 1 M 
NaOH solution using phenolphthalein as indicator. 
 
Table 5.2  Experimental details for pKa (NH4
+) experiments. 
Concentration (M)  Test 
Medium 
X
n- 
NH3   NanX HnX 
SO4
2-   1.0  1.0  1.0 
Cl
-   3.0  3.0  3.0 
NO3
-   3.0  3.0  3.0 
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5.5  Effect of the Medium on the Copper(I)-Ammonia System 
Brief experiments were carried out initially to obtain an overview of the effect of 
the nature of the ionic medium on the copper(I)-ammonia system. The ionic 
media investigated were perchlorate, nitrate, chloride and sulfate. Using the cell 
system 2, the experiments involved the potentiometric titration of a solution 
containing copper(I)-ammonia species with ammonia.  All experimental 
parameters, except ammonia concentration, were kept constant. This was 
achieved by titrating 20 mL of a copper(I) solution A containing low ammonia 
concentrations with up to 40 mL of a copper(I) solution B containing higher 
ammonia concentrations (Table 5.3).  
 
Table 5.3  Composition of solutions A and B in various ionic media. [Cu(I)] 
= 0.03 M, pH = 10 for sulfate medium and 9.5 for all other media.  
Concentration (M)   
Medium 
 
Solution  NH3   (NH4)nX * 
A 0.2  0.2  ClO4
- or 
NO3
-   B 0.5  0.5 
A 0.5  0.5  Cl
-  
B 3.0  3.0 
A 0.2  0.1  SO4
2-  
B 2.0  1.0 
  *  X = X
n- = ClO4
-, NO3
-, Cl
- or SO4
2-. 
  I = 3.0 (NanX). 
 
Following this preliminary investigation, more detailed studies were conducted 
on the effect of sulfate and chloride on the Cu(I)-NH3 system. The experiments 
used the cell system 2 and they involved the potentiometric titration of a solution 
containing copper(I)-ammonia species in perchlorate medium with either sulfate   85
or chloride. All experimental parameters, except sulfate or chloride 
concentration, were kept constant. This was achieved by titrating 20 mL of a 
copper(I) solution A in perchlorate medium with up to 40 mL of a copper(I) 
solution B in either sulfate (Table 5.4) or chloride (Table 5.5) medium. 
 
A second approach to study the effect of chloride on the copper(I)-ammonia 
system involved maintaining the chloride concentration constant while varying 
the ammonia concentration. This was accomplished by titrating 20 mL of a 
copper(I) solution A in a mixed medium of perchlorate and chloride with up to 40 
mL of a copper(I) solution B of the same medium but higher ammonia 
concentration (Table 5.6).  
Table 5.4  Composition of solutions used to study the effect of sulfate on 
the Copper(I)-Ammonia-Perchlorate System, [Cu(I)] = 0.03 M, pH = 9.5. 
Concentration (M)   
Solution  NH3   NH4ClO4   (NH4)2SO4 
Medium 
I = 3.0 
A 0.2  0.2    NaClO4  
B 0.2    0.25  Na2SO4 
    For each titration [NH3] was constant and [SO4
2-] varied by adding solution B to A. 
    The total sulfate concentration added to the test solution was 0.7 M. 
    Note: A total of 3 titration data sets were obtained. 
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Table 5.5  Composition of solutions used to study the effect of chloride on 
the Copper(I)-Ammonia-Perchlorate System, [Cu(I)] = 0.03 M, pH = 9.5. 
Concentration (M)   
Solution  NH3   NH4ClO4   NH4Cl 
Medium 
I = 3.0 
 
A 
0.2 
0.375 
0.5 
0.2 
0.375 
0.5 
 NaClO4  
 
B 
0.2 
0.43 
0.5 
  0.2 
0.43 
0.5 
NaCl 
    For each titration [NH3] was constant and [Cl
-] varied by adding solution B to A.  
    The respective combinations of solutions A and B are colour matched. 
    The total chloride concentration added to the test solution was approximately 2.0 M. 
    Note: A total of 6 titration data sets were obtained. 
 
 
Table 5.6  Composition of solutions used in a second approach to the 
study of the effect of chloride on the Copper(I)-Ammonia-Perchlorate 
System, [Cu(I)] = 0.03 M, pH = 9.5. 
Concentration (M)   
Solution  NH3 NH4Cl Cl
-  
Medium 
I = 3.0 
A  0.2 
0.5 
0.2 
0.5 
1.5 
3.0 
NaCl and NaClO4  
NaCl 
 
B 
1.5 
2.0 
3.0 
1.5 
2.0 
3.0 
1.5 
3.0 
3.0 
NaCl and NaClO4  
NaCl 
NaCl 
    For each titration [Cl
-] was constant and [NH3] varied by adding solution B to A.  
    The respective combinations of solutions A and B are colour matched. 
    The free ammonia concentration added to the test solution varied between 1.5 to 3 M. 
    Note: A total of 4 titration data sets were obtained. 
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A third approach to study the effect of chloride on the copper(I)-ammonia 
system involved the titration of copper(I)-ammonia solutions in sulfate media 
with chloride while the ammonia concentration was maintained constant. All 
experimental parameters, except chloride concentration, were kept constant. 
This was done by titrating 20 mL of a copper(I) solution A in sulfate medium 
with up to 40 mL of a copper(I) solution B in chloride medium (Table 5.7). The 
total chloride concentration added to the test solution varied up to 2.0 M. The 
respective combinations of solutions A and B are colour matched in Table 5.7. 
 
Table 5.7  Composition of copper(I) solutions A and B, with their 
respective combinations being colour matched. [Cu(I)] = 0.03 M. 
Concentration (M)   
Solution  NH3   (NH4)2SO4 NH4Cl 
Medium 
I = 3.0 
pH 
adjusted to 
10 with 
 
A 
0.2 
0.5 
1.0 
2.0 
0.1 
0.25 
0.5 
1.0 
  
Na2SO4  
 
H2SO4 
 
B 
0.2 
0.5 
1.0 
2.0 
  0.2 
0.5 
1.0 
2.0 
 
NaCl 
 
NaOH 
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5.6 Copper(I)-Ammonia  System 
The experiments in this section involved the potentiometric titration of a solution 
containing copper(I)-ammonia species with ammonia using the cell system 2. 
All experimental parameters, except ammonia concentration, were kept 
constant. The experiments involved titrating 20 mL of a copper(I) solution A 
containing low ammonia concentrations with up to 40 mL of a copper(I) solution 
B containing higher ammonia concentrations. These experiments were 
performed in sulfate (Table 5.8), perchlorate (Table 5.9) and chloride (Table 
5.10) media. The studies in chloride media were also conducted by adding 
chloride to a copper(I)-ammonia-perchlorate-chloride system (described in 
Section 5.5, Table 5.5). The highest possible concentration for an NH4ClO4 
solution (Table 5.9) was 1 M and this imposed a limit on the ammonia 
concentration added to the test solution (Section 5.2.1). 
 
Table 5.8  Composition of copper(I) solutions A and B in sulfate medium, 
[Cu(I)] = 0.03 M, pH = 10, I = 3.0 (Na2SO4). 
Concentration (M)   
Solution  NH3   (NH4)2SO4 
A  0.2 
0.5 
0.1 
0.25 
 
B 
0.5 
1.0 
2.0 
2.0 
0.25 
0.5 
1.0 
1.0 
    The respective combinations of solutions A and B are colour matched. 
    NH3 added to copper(I)-NH3-SO4
2-. 
    Note: A total of 7 titration data sets were obtained. 
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Table 5.9  Composition of copper(I) solutions A and B in perchlorate 
medium, [Cu(I)] = 0.03 M, pH = 9.5, I = 3.0 (NaClO4). 
Concentration (M)   
Solution  NH3   NH4ClO4 
A 0.2  0.2 
 
B 
0.41 
0.50 
0.55 
0.41 
0.50 
0.55 
    NH3 added to copper(I)-NH3-ClO4
-. 
    Note: A total of 7 titration data sets were obtained. 
 
 
Table 5.10  Composition of copper(I) solutions A and B in chloride 
medium, [Cu(I)] = 0.03 M, pH = 9.5, I = 3.0 (NaCl). 
Concentration (M)   
Solution  NH3   NH4Cl 
A 0.5  0.5 
B 2.0 
3.0 
2.0 
3.0 
    NH3 added to copper(I)-NH3-Cl
-. 
    Note: A total of 6 titration data sets were obtained. 
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5.7 Copper(I)-Thiosulfate  System 
During this study the experiments were conducted using the cell system 2 
(Section 5.3.2) involving titration of 20 mL of a copper(II) sulfate solution in a 
sulfate medium with up to 2 mL of sodium thiosulfate (Table 5.11). The volume 
of Na2S2O3 added to the test solution was kept small enough so that all 
experimental parameters, except thiosulfate concentration, were almost 
constant and varied by less than 10%. A wide range of copper concentrations 
was investigated. 
 
Table 5.11  Reagent concentrations used for studying the copper(I)-
thiosulfate system. I = 3.0 (1 M Na2SO4). 
Concentration (M) 
CuSO4   Na2S2O3 
Final 
[Cu(II)]:[S2O3
2-] 
Ratio 
0.001 
0.002 
0.005 
0.01 
0.02 
0.1 
0.1 
0.5 
2.0 
2.0 
1 : 9 
1 : 4.5 
1 : 9 
1 : 20 
1 : 10 
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5.8 Copper(I)-Ammonia-Thiosulfate  System 
The investigation of this complex system involved the potentiometric titration of 
solutions containing copper(I)-ammonia species with thiosulfate and used the 
cell system 2 (Section 5.3.2). The copper(I) and ammonia concentrations, pH, 
ionic strength and temperature, were kept constant. 
 
5.8.1 Sulfate  Media 
The study of the copper(I)-NH3-S2O3
2- system in sulfate media was approached 
using two different methods (Table 5.12 and Table 5.13). Each method suffered 
from different limitations of the ligand concentration ranges that could be 
investigated at a set copper(I) concentration of 0.03 M, ionic strength of 3.0 
(Na2SO4) and pH of 10. 
 
Method 1 (Table 5.12) involved two copper(I) solutions with the only difference 
being that the titrant solution contained thiosulfate. This was achieved by 
titrating 20 mL of a copper(I) solution A containing a fixed ammonia 
concentration with up to 40 mL of a copper(I) solution B containing the same 
ammonia concentration plus thiosulfate. This method was limited by; 
(i)  The [S2O3
2-]/[Cu(I)] molar ratio could not be greater than 20.  
(ii)  The [NH3]T/[Cu(I)] molar ratio could not be lower than 13 nor higher than 
100.  
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Table 5.12  Composition of solutions used in method 1 to study the 
Copper(I)-Ammonia-Thiosulfate system in sulfate media, pH = 10, I = 3 
(Na2SO4), [Cu(I)] = 0.03 M. 
Concentration (M)   
Solution  NH3 (NH4)2SO4 Na2S2O3  
 
Final S2O3
2-  
Concentration (M) 
Final 
[NH3]T/[S2O3
2-] 
Ratio 
A 0.2  0.25   
B 0.2  0.25  0.1575 
0.315 
0.63 
0.84 
0.945 
 
0.105 
0.21 
0.42 
0.56 
0.63 
 
4 
2 
1 
1 
0.5 
A 0.5  0.25       
B 0.5  0.25  0.735 
0.315 
0.49 
0.21 
2 
5 
A 1.0  0.5       
B 1.0  0.5  0.315  0.21  10 
A 1.5  0.75       
B 1.5  0.75  0.315  0.21  14 
Note: A total of 9 titration data sets were obtained. 
 
 
Method 2 (Table 5.13) involved the titration of 20 mL of a copper(I) solution A 
containing a fixed ammonia concentration with up to 2 mL of sodium thiosulfate. 
The volume of sodium thiosulfate added to the test solution was kept small 
enough so that all other concentrations were almost constant and varied by less 
than 10%. The method was limited by; 
(i)  The [S2O3
2-]/[Cu(I)] molar ratio could not be greater than approximately 7.  
(ii)  The [NH3]T/[Cu(I)] molar ratio could not be lower than 13 or higher than 150.  
 
The upper limit for the [S2O3
2-]/[Cu(I)] molar ratio was fixed by the solubility of 
thiosulfate of 2.1M.   93
The reasons for the lower and upper limits of the [NH3]T/[Cu(I)] molar ratios was 
explained in section 5.2.1.  
 
The overall upper range of [NH3]T:[Cu(I)]:[S2O3
2-] for methods 1 and 2 were 
100:1:20 and 150:1:7 respectively. 
 
By combining the two methods an overall wider concentration range of ligands, 
ammonia and thiosulfate, could be investigated. 
 
Table 5.13  Composition of solutions used in method 2 to study the 
Copper(I)-Ammonia-Thiosulfate system in sulfate media, pH = 10, I = 3 
(Na2SO4) , [Cu(I)] = 0.03 M. 
Concentration (M)   
Solution  NH3 (NH4)2SO4 Na2S2O3 
Final S2O3
2-  
Concentration 
(M) 
Final 
[NH3]T/[S2O3
2-] 
Ratio 
A 0.2 
0.5 
1.0 
1.5 
2.0 
2.5 
0.1 
0.25 
0.5 
0.75 
1.0 
1.0 
  
 
0.18 
B      0 to 0.18   
2 
5 
10 
15 
20 
23 
 
Note: A total of 12 titration data sets were obtained. 
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5.8.2 Chloride  Media 
The copper(I)-NH3-S2O3
2- system in chloride media was studied using only 
method 2 (5.8.1) but with two different approaches. The first approach involved 
a constant chloride concentration (Table 5.14) and the second approach 
involved varying chloride concentrations (Table 5.15). 
 
Table 5.14  Composition of solutions used in method 2 to study the 
Copper(I)-Ammonia-Thiosulfate system in chloride media, pH = 9.5, I = 3 
(NaCl). Constant [Cl
-] = 3 M, [Cu(I)] = 0.03 M. 
Concentration (M)   
Solution  NH3 NH4Cl Na2S2O3 
Final S2O3
2-  
Concentration 
(M) 
Final 
[NH3]T/[S2O3
2-] 
Ratio 
 
 
A 
0.2 
0.5 
1.0 
2.0 
3.0 
0.2 
0.5 
1.0 
2.0 
3.0 
  
 
0.18 
B      0 to 0.18   
2:1 
5:1 
10:1 
19:1 
29:1 
 
Note: A total of 8 titration data sets were obtained. 
All experiments had the same ratio of [Cu(I)]:[Cl
-]:[S2O3
2-] of 1:100:7. 
 
Table 5.15  Composition of solutions used in method 2 to study the 
Copper(I)-Ammonia-Thiosulfate system in chloride media, pH = 9.5, [Cu(I)] 
= 0.03 M. Varying chloride concentration.  Final [NH3]T/[S2O3
2-] ratio = 5:1. 
Concentration (M)   
Solution  NH3 NH4Cl Cl
-   Na2S2O3 
Medium 
I = 3.0 
Final S2O3
2-  
Concentration 
(M) 
A 0.5  0.5  1.5 
2.0 
3.0 
 
B      0  to  0.18 
NaCl and NaClO4 
NaCl and NaClO4 
NaCl 
 
0.18 
    Note: A total of 5 titration data sets were obtained. 
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5.9 Copper(II)-Ammonia  System 
5.9.1 UV/Visible  Spectrophotometry 
A preliminary investigation into the association of Cu(NH3)4
2+ with sulfate ions 
was carried out using UV/Visible spectrophotometry. This was performed by 
monitoring the effect of increasing sulfate concentration on the visible 
absorption peak of cupric ions at ~ 600 nm. The composition of the test 
solutions is shown in Table 5.16. The spectrophotometric measurements were 
made with an Agilent 8453 UV/Vis. spectrophotometer interfaced with Agilent 
ChemStation software. 
 
Table 5.16  Composition of test solutions for the study of the copper(II)-
ammonia system in sulfate media by UV/Vis spectrophotometry.  
Volume (mL) / Concentration (M) 
CuSO4   NH3 (NH4)2SO4 Na2SO4 
Final SO4
2-  
Concentration 
(M) 
10 / 0.1 
10 / 0.1 
10 / 0.1 
10 / 0.1 
1 / 1.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
5 / 2.0 
0 / 1.8 
15 / 1.8 
45 / 1.8 
70 / 1.8 
89 / 1.8 
0.21 
0.48 
1.02 
1.47 
1.804 
The final solution volume was 100 mL and the ionic strength varied. 
 
 
5.9.2 Potentiometry 
In these experiments which used the cell system 3 (Section 5.3.3), copper(I) 
species were oxidised to copper(II) by hydrogen peroxide (H2O2). The volume of 
H2O2 added to the test solution was kept small enough so that all experimental 
parameters were almost constant and varied by less than 10%. The   96
concentrations of copper and ammonia, pH, ionic strength and temperature 
were maintained constant. 
 
A 50 mL aliquot of a copper(I) solution A in a set salt medium was titrated with 
up to 5 mL of 0.3 M hydrogen peroxide (Table 5.17). Each experiment was 
performed in triplicate. The pH was measured throughout each titration.  
The copper(II)-ammonia system was studied in three different anionic media 
(ClO4
-, Cl
- and SO4
2-) and covered the lowest and highest possible anion 
concentrations in order to determine if the test medium affected the equilibria in 
the system under study. 
 
Table 5.17  Compositions of copper(I) solution A in sulfate, perchlorate or 
chloride media used in the potentiometric study of the copper(II)-ammonia 
system.  
Concentration (M)   
Solution  Cu(I)   NH3 (NH4)nX * SO4
2- ClO4
- Cl
- 
0.03 0.25  0.25 0.255  0.25  0.25  A 
0.03 0.25  0.25 1.57  4.75  4.625 
  *  X = X
n- = SO4
2-, ClO4
- or Cl
- 
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6 RESULTS:  COPPER(I)-AMMONIA  AND COPPER(I)-THIOSULFATE 
SYSTEMS 
The study of these two systems involved the identification of the main species 
present under experimental conditions closely resembling those used in the 
thiosulfate leaching process for gold extraction. The general conditions that 
were maintained constant were 0.03 M copper(I), pH of 9.5 or 10, ionic strength 
of 3.0 and 25°C. This investigation was also concerned with determining the 
experimental conditions, which would form the foundation for studying more 
complicated mixed-ligand systems. It involved evaluating the robustness of 
experimental techniques such as roll-mixing ammonia solutions; determining 
the pKa (NH4
+) values in various anionic media; and studying the effect of the 
ionic medium on the copper(I)-ammonia system.  
 
6.1  Evaluation of Roll-Mixing 
The possible loss of ammonia during the preparation of copper(I) solutions by 
roll-mixing overnight was investigated. 
 
Table 6.1 shows the ammonia concentrations determined before and after roll 
mixing. Each test solution was roll-mixed in triplicate as was each ammonia 
determination. 
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Table 6.1  Loss of ammonia during preparation of copper(I) solutions. 
Analysed NH3 Concentration     (M)  Nominal NH3 
Concentration  
(M) 
Before  
Roll-Mixing 
After 
Roll-Mixing 
2.0 1.957 
1.945 
a 
1.957 
1.0 0.977  0.975 
0.5 0.488  0.490 
0.25 0.243  0.244 
        “Before roll-mixing” solutions were stored in glass containers, except  
          for 
a stored in polyethylene containers. 
        “After roll-mixing” solutions were stored in polyethylene containers. 
 
In order to establish a possible influence of the storage material on the loss of 
ammonia, the “before roll mixing” solutions were stored in glass containers and 
the “after roll mixing” solutions were stored in polyethylene containers. From the 
results shown in Table 6.1 it was deduced that contact of the test solutions with 
either glass or polyethylene did not significantly influence the ammonia 
concentrations. The small loss or gain of ammonia observed is probably within 
experimental error. 
 
6.2  The Effect of the Medium on the Dissociation Constant of Ammonium 
Ion (pKa) 
The effect of the medium anion sulfate, chloride, perchlorate or nitrate on the 
dissociation constant of ammonium ion, pKa (NH4
+), was examined at a set ionic 
strength (I = 3). Figure 6.1 shows a typical acid-base titration curve (triplicate 
results) obtained when ammonia was titrated with a standard acid solution in a 
sulfate medium.    99
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Figure 6.1  Titration curves for 1 M NH3 solutions (25 mL) with 1 M H2SO4 
at I = 3.0 (Na2SO4), triplicate results 
 
Equation 6.1 (Section 2.3) can be applied graphically to determine pKa values 
from the experimental data (Appendix A). For a typical acid-base titration curve 
the pKa is equal to the pH at the half-equivalence titration volume. 
  ⎟
⎟
⎠
⎞
⎜
⎜
⎝
⎛
+ = +] [
] [
log
4
3
NH
NH
pK pH a       ( 6 . 1 )  
ie    pH  =  pKa        when   [NH3] = [NH4
+] 
 
However, a more accurate way of determining pKa involves plotting pH versus 
log ([NH3]/[NH4
+]), the latter which is equals to log (([NH3] – [H
+])/[H
+]) 
(Blackburn 1969). The result is a straight line with slope +1 and a y-intercept 
equal to pKa. A typical plot is shown in Figure 6.2, from which a pKa value of 
9.897 is obtained. 
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Figure 6.2  Plot of pH versus log ([NH3] – [H
+]/[H
+]) for one titration of 1 M 
NH3 solution with 1 M H2SO4 at I = 3.0 (Na2SO4). 
 
 
Table 6.2 summarises the pKa (NH4
+) values obtained from averaged triplicate 
determinations in the various media. 
 
Table 6.2  Dissociation Constant of Ammonium Ion in Various Media. The 
Values in Parenthesis are Literature Values from Table 2.4. 
 
Medium 
 
 
1 M Na2SO4 
 
3 M NaCl 
 
3 M NaNO3 
 
3 M NaClO4 
 
pKa (NH4
+) 
 
 
9.89 ± 0.01 
(8.70) 
a 
 
9.49 ± 0.02 
(9.50) 
a 
 
9.58 ± 0.01 
(9.82 and 9.61 
a) 
 
9.5 
(9.96) 
 
a  Medium contained ammonium rather than sodium ions. 
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The pKa in perchlorate media was not determined experimentally and a value of 
9.5 was assigned to it for the following reasons; 
(i)    Difficulties experienced in obtaining high purity concentrated perchloric acid 
due to its explosive characteristics. 
(ii)   From experiments carried out in perchlorate media (Section 5.6 and Table 
5.9) the pH of equi-molar solutions of NH3/NH4ClO4, at I = 3 consistently fell 
between 9.5 and 9.6. 
(iii)  The ion association constants for NaClO4, NaCl and NaNO3 are similar and 
relatively low (Table 2.2). No association has been reported for these anions 
with ammonium ion. Therefore, the pKa (NH4
+) in NaClO4 media would be 
expected to be similar to the pKa (NH4
+) values in NaCl and NaNO3 media. 
 
The pKa (NH4
+) values determined for the monovalent anions Cl
-, ClO4
- and 
NO3
- (as sodium salts) were within the narrow range between 9.49 and 9.58 
(Table 6.2). These values agreed well with the latest data reported by Maeda 
and co-workers (1997; 1993; 1995) in NH4Cl and NH4NO3 media (Table 2.4). 
 
A significant difference was observed between the determined pKa (NH4
+) 
values obtained for sulfate media and the mono-valent anionic media. Also the 
determined pKa (NH4
+) value in Na2SO4 solutions differed markedly from the 
reported value (Maeda 1997) in (NH4)2SO4 solutions. Such differences may be 
due to the presence of the ion-pairs NH4SO4
- and NaSO4
- in the solutions used 
in the various investigations. Equations 6.2 to 6.4 list the possible equilibria that 
could affect the value of pKa.   102
 
 NH3  +  H
+   '   NH4
+      K b    (6.2) 
 NH4
+  +  SO4
2-   '   NH4SO4
-     K1    (6.3) 
 Na
+  +  SO4
2-   '   NaSO4
-      K 2    (6.4) 
 
Thus, at any pH value, the concentration of free NH4
+ is less than calculated 
from the acid added in the titration due to formation of the ion-pair with sulfate 
ions. 
The value of [NH4
+] can be calculated (equation 6.5) by combining the equilibria 
6.2 to 6.4 with a mass balance of total ammonium, sulfate and sodium ions 
(Appendix B). 
  ⎟
⎟
⎠
⎞
⎜
⎜
⎝
⎛
+
+ +
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+ + +
−
+
] [
1
] [ ] [ 1
] [
1 / ] [ ] [
4 1 2
2
4 1
3 4 H K NH K Na K
SO K
NH NH
b
T
T  (6.5) 
 
Then using an Excel spreadsheet (Figure 6.3) and literature K1 and K2 values 
(Table 2.2), the pKa values in sulfate media were estimated (Appendix C, Table 
6.3) based on 
pKa = pH   when  [NH3] = [NH4
+] + [NH4SO4
-]    (6.6) 
 
The thermodynamic data for the ion-pairs of interest is very limited in relation to 
ionic strengths. The K2 value varies considerably with ionic strength and this 
has an effect on the estimated pKa value. Clearly, there is certain ambiguity 
surrounding the use of such limited literature data. Nonetheless, the estimated 
and observed pKa values for Na2SO4 media are in agreement.   103
 
Table 6.3  Dissociation constant of ammonium ion in sodium sulfate 
solutions. 
pKa  Calculations based on 
Observed Estimated  Log  K1 Log  K2 
9.89 
 
 
9.78 
9.91 
9.95 
1.03 (± 0.09)  0.79 
0.4 
0.3 
K1 and K2 are the formation constants for NH4SO4
- and NaSO4
- respectively (Table 2.2) 
 
 
Maeda (1997) were the only workers to report a pKa in ammonium sulfate 
solutions and their value of 8.7 is significantly lower than the values they 
reported for other media (Table 2.4). These workers did not mention nor 
appeared to take into consideration the effects of ion-pair formation on the 
measured pKa value.    104
 
 
Figure 6.3  Estimation of pKa in sulfate media using an Excel spreadsheet. 
I = 3.0, 25 °C. First page only. 
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The effect of ion-association in sulfate media can be observed from the 
graphical comparison of the titration curves, obtained when ammonia was 
titrated with acid in different media (Figure 6.4). The titration curves for chloride 
and nitrate overlap almost exactly, whereas the sulfate curve is shifted to higher 
pH values especially at low pH where the bisulfate ion is stable. The titration 
curves in chloride and nitrate are the same, as expected, because there is no 
significant ion-association with ammonium ions in the case of these anions. 
Sulfate is known to form NH4SO4
- and NaSO4
- ion-pairs. The shift of the blue 
curve towards a higher pH indicates that NH3 is a stronger base while NH4
+ is a 
weaker acid in the presence of sulfate media, compared to nitrate and chloride 
media. Therefore the measured pKa (NH4
+) value in sulfate solutions is higher. 
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Figure 6.4  Titration curves for 1 M NH3 with 2 M H
+ ions in sulfate and 3 M 
NH3 with 3 M H
+ ions in other anionic media. 
 
The effect of ion-pairs with ammonium ions on the equilibria in the copper(I)-
NH3-SO4
2- and the copper(I)-NH3-S2O3
2--SO4
2- systems are thus taken into   106
account by using the pKa value for sodium sulfate media (9.89) determined in 
this study (Table 6.2).  
 
In the more complex copper(I)-NH3-S2O3
2- system, ion-association effects would 
be compounded by the possible presence of NaS2O3
- and NH4S2O3
-. As in the 
case for sulfate discussed previously, these ion-pairs would affect the ammonia 
concentration, which is calculated from the pKa (NH4
+). Since the formation 
constants for these ion-pairs (Table 2.2) are similar to those with sulfate ions, it 
would be reasonable to predict that the pKa in thiosulfate media would be 
similar to that in sulfate media. If this is the case then the calculated ammonia 
concentration and thus the calculated β values for the complexes in the 
copper(I)-NH3-S2O3
2- system would be relatively unaffected.   107
 
6.3 Copper(I)-Ammonia  System 
The study of this system involved the identification of the main copper(I)-NH3 
species present in sulfate, perchlorate and chloride media and determination of 
their respective stability constants. The effects of media anions such as sulfate 
and chloride on the equilibria and the possible formation of mixed-ligand 
complexes with copper(I)-NH3 species and the relevant stability constants were 
investigated. 
 
6.3.1  Comparison of Media Effects 
The experiments involved the titration of copper(I)-ammonia solutions with 
ammonia in either sulfate, chloride, perchlorate or nitrate media. Single titration 
data sets were obtained from duplicate or triplicate experiments performed in 
different media (Figure 6.5). The construction of the potentiometric titration 
curves was based on the free ammonia concentrations calculated using the pKa 
values (Table 6.2) relevant to each medium. All the data, except that for nitrate, 
was reproducible within 20 mV at a given concentration of ammonia. The slope 
of the curves suggested coordination numbers (n) for ammonia of 1.2 to 1.6 for 
nitrate and n = 2.4 to 3.1 for sulfate, chloride and perchlorate. 
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Figure 6.5  Potentiometric titrations of copper(I)-NH3 with ammonia in 
various sodium-anion media at pH 9.9 and [SO4
2-] = 1.0 M in sulfate media. 
pH 9.5 and [anion] = 3.0 M for the other media. 
 
The relatively low n value in nitrate media is related to complications 
experienced in the preparation of the copper(I) solutions. Nitrate, being a strong 
oxidising agent, accelerated the dissolution of Cu metal during the roll-mixing 
step in the preparation of copper(I) solutions (Section 5.2). From the results of 
the AAS analysis, it was found that the copper(I) concentration in solution B 
(titrant) was considerably higher than that in solution A (titrate). This resulted in 
variations in the copper(I) concentration during each potentiometric titration. 
This explains why the curve for nitrate in Figure 6.5 has a different slope to the 
curves for the other anions. 
 
Other researchers prepared copper(I) solutions in nitrate media (Bjerrum 1934; 
Goncalves et al. 1991) with the total exclusion of air. Thus they would not have   109
experienced discrepancies in copper(I) concentrations, which is a problem 
inherent of the method applied in the present study. 
 
Sodium perchlorate is a relatively inert salt with only weak coordinating 
properties and thus, the stoichiometry of a system under study may be 
assumed unchanged by the presence of this salt (Bjerrum 1972). Consequently 
the overlap (within 20 mV) of the potentiometric curves for perchlorate with 
those for chloride, sulfate and nitrate media (Figure 6.5) indicates that none of 
these anions form complexes in the copper(I)-NH3 system. 
 
From these results it was deemed appropriate to perform experiments in a 
perchlorate background as a basis for establishing the effect of increasing 
levels of sulfate or chloride on the copper(I)-NH3 system at a fixed ammonia 
concentration. To detect such effects the ammonia concentration should be as 
low as possible. 
   110
6.3.2  Effect of Sulfate on the Copper(I)-Ammonia System 
In this investigation, copper(I)-ammonia solutions in perchlorate were titrated 
with sulfate. These studies were limited to a maximum final sulfate 
concentration of 0.71 M due to the restriction of an ionic strength of 3 (Section 
5.2.1).   
 
Generally, the measured potential (Ecell) differed between the start and end of a 
potentiometric titration by approximately 10 mV (Figure 6.6). When Ej(2,3) was 
taken into consideration (Appendix D) this potential difference changed to ~ 15 
mV. Such a potential difference was not significant enough to be attributed to an 
effect of sulfate. Complexation of Cu(NH3)n
+ with sulfate is expected to 
decrease Ecell, rather than the slight increase observed. The slightly positive 
slopes may be a product of systematic effects such as small activity coefficient 
changes, which have not been taken into account.  
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Figure 6.6  Quadruplicate potentiometric titrations of copper(I)-NH3 in 
ClO4
- media with sulfate at pH 9.5.   111
 
The free ammonia concentrations were calculated using a pKa (NH4
+) value 
based on the molar fraction of ClO4
-/SO4
2- (equation 6.7). The calculation 
assumed that the relationship of pKa versus ionic strength was linear for both 
sulfate and perchlorate media (Maeda 1997; Maeda et al. 1993; Skibsted 1981).  
 
 
added SO vol
added SO vol mL
NH pKa −
−
+
+
× + ×
=
2
4
2
4
4
. 20
) . 89 . 9 ( ) 20 50 . 9 (
) (    (6.7) 
 
The free ammonia concentration varied from 0.202 to 0.214 M. This confirmed 
that the ammonia concentration was maintained relatively constant together 
with other experimental parameters such as the copper(I) concentration, pH, 
ionic strength and temperature. 
 
It can be concluded from these results that sulfate is not involved in the 
complexation with copper(I)-NH3. i.e. no mixed complexes of copper(I)-NH3-
SO4
2- were detectable under the experimental conditions investigated.  
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6.3.3  Effect of Chloride on the Copper(I)-Ammonia System 
These experiments were carried out by titrating copper(I)-ammonia solution in 
perchlorate media in two ways:  
a)  with chloride while the ammonia concentration was kept constant. 
b)  with ammonia at a fixed chloride concentration. 
In both cases the ionic strength was maintained constant by the addition of 
NaClO4. 
 
In view of the relative stabilities of the complexes Cu(NH3)2
+ (log β ~ 10) and 
CuCl3
2- (log β ~ 5) it was expected that if mixed chloro(ammine)- complexes of 
copper(I) were possible they would form at low concentrations of ammonia and 
high concentrations of chloride ion. With this in mind the experiments in section 
6.3.3.1 involved low concentrations of ammonia (0.2, 0.4 and 0.5 M) and the 
experiments in section 6.3.3.2 involved high concentrations of chloride (1.5 and 
3 M). Table 6.4 summarises the ligand concentrations and ratios employed. 
 
Table 6.4  Ligand concentrations and ratios for the study of the effect of 
chloride on the copper(I)-NH3 system. [Cu(I)] = 0.03 M. 
Concentration (M)  Method in 
Section 
[NH3] [Cl
-] [NH3]:[Cu(I)]:[Cl
-] [Cl
-]/[NH3] 
6.3.3.1 0.2 
0.4 
0.5 
0 – 2 
0 – 2 
0 – 2 
7 : 1 : 0-70 
13 : 1 : 0-70 
17 : 1 : 0-70 
0 : 10 
0 : 5 
0 : 4 
6.3.3.2  0.2 – 1 
0.5 – 2.2 
0.5 - 1.6 
1.5 
3.0 
3.0 
7-33 : 1 : 50 
7-33 : 1 : 100 
7-33 : 1 : 100 
1.5 : 7 
1.4 : 6 
1.9 : 6 
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6.3.3.1 Titration  with  Chloride at Fixed Ammonia Concentrations 
Generally, the measured potential (Ecell) differed between the start and end of a 
potentiometric titration by approximately 6 to 13 mV (Figure 6.7). When Ej(2,3) 
was taken into consideration (Appendix D) this potential difference changed by 
only 1.4 mV. A potential difference of up to 13 mV is not significant enough to 
be attributed to any effect due to chloride, and it is probably due to experimental 
error and/or the assumptions made in relation to ionic activity coefficients.  
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Figure 6.7  Potentiometric titrations of copper(I)-NH3 in ClO4
- solutions 
with chloride at pH 9.5. 
 
The pH and the free ammonia concentration would be expected to be constant 
during each potentiometric titration, since the pKa value was the same for Cl
- 
and ClO4
- media (Table 6.2).   114
 
6.3.3.2 Titration  with  Ammonia at Fixed Chloride Concentrations 
The potentiometric curves (Figure 6.8) overlapped within a 12 mV range, even 
though the chloride concentration varied between 1.5 and 3 M. These results 
indicate that chloride is not complexed with copper(I) in the presence of 
ammonia. 
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Figure 6.8  Potentiometric titrations of copper(I)-NH3 in mixed Cl
-/ClO4
- 
media with ammonia at pH 9.5. 
 
A comparison was made between the results of potentiometric curves obtained 
in the presence of either chloride (i) or perchlorate (ii) or a mixture of both 
(Figure 6.8). This was done by comparing Figure 6.8 with; 
(i)  Potentiometric curves obtained from titrating copper(I)-ammonia solutions in 
chloride media with ammonia, section 6.3.4 (Figure 6.9). 
(ii) Potentiometric curves obtained from titrating copper(I)-ammonia solutions in 
perchlorate media with ammonia, section 6.3.4 (Figure 6.10). 
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All 14 potentiometric curves (Figures 6.9 and 6.10) fell within a band of 14 mV 
and all had the same slope. If chloride is involved in complexation with 
copper(I)-ammonia, one would expect the curves involving chloride to show 
significantly more negative potentials (more than 14 mV), at a given 
concentration of ammonia. 
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Figure 6.9  Comparison of potentiometric titration curves from Figure 6.8 
with curves obtained from similar experiments in the absence of 
perchlorate (shown in red) at pH 9.5. 
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Figure 6.10  Comparison of potentiometric titration curves from Figure 6.8 
with curves obtained from similar experiments in the absence of chloride 
(shown in red) at pH 9.5. 
   116
6.3.3.3 Titration  with  Chloride at Fixed Ammonia Levels in Sulfate 
Solutions 
These studies involved the titration of copper(I)-ammonia solutions in sulfate 
media with chloride while the ammonia concentration was maintained constant. 
 
The results obtained are shown in Figure 6.11 as a plot of the measured 
potential, versus log [Cl
-]. It seems that the chloride concentration has a 
measurable effect on Ecell and hence on copper(I) speciation in a mixed sulfate-
chloride medium. An approximate co-ordination number of 0.8 to 1.1 for chloride 
can be obtained at ammonia concentrations of 0.2 to 1 M. At an ammonia 
concentration of 2 M, the coordination number is 0.5 to 0.6. The relative 
displacement of ΔECell with ammonia concentration suggests a coordination 
number for ammonia of approximately 2. Thus, chloride is suspected to form at 
least one mixed-ligand complex copper(I)-NH3-Cl
-, in concentrated chloride 
solutions. 
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Figure 6.11  The effect of chloride concentration on the potentiometric 
titration of copper(I)-NH3 (I = 3, Na2SO4) with chloride at pH 10.   117
 
The junction potential (Ej(2,3)) was calculated (equation 4.6) for solution 
compositions at the start and end of a titration in 0.2 M ammonia and values of 
–2.9 and +3.0 mV were obtained respectively (Appendix D). This leads to an 
overall potential difference due to Ej(2,3) of ~ 6 mV which is much smaller than 
the usual experimental variation of ~ 15 mV. Thus the junction potential did not 
have a significant influence on the value of Ecell.  
 
The free ammonia concentrations were calculated using a value of pKa of 9.89 
(Na2SO4 medium). However preliminary graphical data fitting based on a 
number of speciation models (Section 4.5) was unsuccessful. The same 
occurred when a pKa value of 9.49 (Cl
- medium) was used. The next step was 
to calculate free ammonia concentrations using a pKa value based on the molar 
fraction of SO4
2-/Cl
- (equation 6.8). The calculation assumed that the 
relationship of pKa with ionic strength was linear for both sulfate and chloride 
media (Maeda 1997; Maeda et al. 1993; Skibsted 1981).  
 
 
added Cl vol
added Cl vol mL
NH pKa −
−
+
+
× + ×
=
. 20
) . 49 . 9 ( ) 20 89 . 9 (
) ( 4    (6.8) 
 
This more accurately calculated free ammonia concentration was found to 
change by up to 25% by the end of each titration. Thus the ammonia 
concentration was not constant during the titration and this may be responsible 
for the decrease in the observed potential. Thus the estimated co-ordination 
number for chloride of approximately 1 could be in error.   118
As a result, preliminary graphical data fitting was not pursued any further with 
the data from these experiments. 
 
An important conclusion from this analysis is that a pKa difference of 0.4 
between two solutions differing in electrolyte composition but of the same ionic 
strength and pH, can significantly affect the final free ammonia concentration of 
the mixed solution even though the final solution may have the same pH as the 
two original solutions.   119
 
6.3.3.4 Discussion 
The results summarized in Sections 6.3.3.1 and 6.3.3.2 suggest that chloride is 
not involved in the complexation of copper(I) with ammonia. 
 
Thermodynamically the feasibility of formation of a mixed-ligand copper(I)-NH3-
Cl
- complex is very low under the conditions of the present study. The starting 
test solution contained Cu(NH3)2
+ and Cu(NH3)3
+ complexes with  stability 
constants 5 orders of magnitude higher than the stability constants for the 
copper(I)-Cl
- complexes (Sections 2.5 and 2.6). 
 
However, the existence of copper(I)-NH3-Cl
- complexes in solution could be 
possible, based on the fact that the monocomplexes Cu(NH3)
+ and CuCl2
- have 
similar stability constants with log β1 ~ 6 (Tables 2.5 and 2.8). The formation of 
such complexes were detected experimentally by starting with copper(I) in 
chloride solutions and adding ammonia (Black et al. 2003; Solis et al. 1995). 
Both groups reported the complexes CuNH3Cl2
-, CuNH3Cl
0, Cu(NH3)2Cl
0 and 
Cu(NH3)2
+ in order of increasing stability. The data in Table 2.6 suggests that 
the very similar stability constants for the Cu(NH3)2Cl
0 and Cu(NH3)2
+ 
complexes is indicative of the outer-sphere association of chloride. 
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6.3.4 Speciation  in  the  Copper(I)-Ammonia System 
The main copper(I)-ammonia species present in sulfate, chloride and 
perchlorate media were determined by titrating copper(I)-ammonia solutions 
with ammonia. 
 
Potentiometric titration curves were obtained in sulfate (Figure 6.12), 
perchlorate (Figure 6.13) and chloride (Figure 6.14) media. Coordination 
numbers relative to ammonia were obtained graphically (Section 4.3) and they 
varied between 2.3 and 3.3, indicating that the main species present under 
these conditions were the copper(I)-diammine and copper(I)-triammine 
complexes. 
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Figure 6.12  Potentiometric titrations of copper(I)-NH3 solutions in sulfate 
media with ammonia at pH 9.9 (7 data sets).  
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Figure 6.13  Potentiometric titrations of copper(I)-NH3 with ammonia in 
perchlorate media at pH 9.5 (7 data sets). 
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Figure 6.14  Potentiometric titrations of copper(I)-NH3 with ammonia in 
chloride media at pH 9.5 (5 data sets).  
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The in-house program described in section 4.4 was used to determine the 
species present and estimate the stability constants (Appendix E). The 
calculations were based on the knowledge acquired previously (Sections 6.3.1, 
6.3.2 and 6.3.3) that sulfate, perchlorate or chloride did not take part in the 
formation of complexes between copper(I) and ammonia. The free ammonia 
calculations used the respective pKa values determined for different media 
(Table 6.2). The calculated liquid junction potential Ej(2,3) was significantly 
smaller than the experimental error (Appendix D) and thus the stability constant 
calculations excluded any corrections for junction potentials. 
 
Copper(I) hydroxy complexes were not included in the speciation models 
because they were not expected to be present in significant concentrations at 
the relatively low pH used in the presence of free NH3 concentrations up to 2.2 
M. Under these experimental conditions the hydroxide concentration would be 
approximately 10
-4 M, which is 1000-fold smaller than the concentration of 
ammonia. Upon examination of published species distribution data for the 
copper(I)-ammonia system (Fisher and Hall 1967) the existence of the 
copper(I)NH3OH complex under the experimental conditions investigated is 
likely be insignificant (less than 10%). This is also in agreement with the 
speciation diagrams produced by Senanayake (2004) which included copper(I)-
OH complexes. 
 
Generally, the main species detected in the copper(I)-ammonia system at pH 
9.5 or 10 were Cu(NH3)2
+ and Cu(NH3)3
+ and the values of the stability   123
constants were independent of the anionic medium (Table 6.5). The copper(I)-
monoammine complex was not present in significant concentrations and thus its 
stability constant could not be determined under the conditions studied. 
 
Table 6.5  Stability constants for the main species in the copper(I)-NH3 
system in various media at 25°C and I = 3.0. 
Stability Constant 
Log β 
Experimental Conditions 
Cu(NH3)2
+ Cu(NH3)3
+ Medium pH [NH3]  (M) 
 
10.37 (2) 
 
10.57 (3) 
 
10.26 (2) 
 
10.37 (3) 
 
 
9.93 (5) 
 
9.93 (8) 
 
ND 
 
ND 
 
1 M Na2SO4 
 
3 M NaCl 
 
3 M NaClO4 
 
0 – 2 M NaCl 
(plus NaClO4) 
 
10 
 
9.5 
 
9.5 
 
9.5 
 
0.2 – 1.5 
 
0.5 – 2.2 
 
0.2 – 0.43 
 
0.2, 0.4 and 0.5 
   The figure in brackets denotes the standard deviation of the last digit. 
   ND = not detected 
 
During the studies involving perchlorate, only the copper(I)-diamine complex 
could be detected because the experiments were limited to relatively low 
ammonia concentrations (0.2 to 0.5 M) for reasons discussed elsewhere 
(Section 5.2.1). The experiments in sulfate and chloride media involved higher 
ammonia concentrations (0.2 to 2.2 M) in which the copper(I)-triammine 
complex was present at concentrations that allowed for its detection and 
accurate determination of its stability constant. 
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The thermodynamic data obtained in this study is compared graphically with the 
literature data in Figure 6.15. The β values obtained for Cu(NH3)2
+ were in close 
agreement with only two previously reported values (Bjerrum 1934; Stupko et 
al. 1998) at 25 °C (Table 2.5, Section 2.5).  
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Figure 6.15  Thermodynamic data for the copper(I)-NH3 system. N = NH3. 
 
The step-wise equilibrium constant (K3) for the Cu(NH3)3
+ complex was 
calculated above in terms of the concentrations of the various species. A 
thermodynamic value can be estimated (equation 2.6) using activity coefficients 
for ammonia obtained from literature data (Durst et al. 1966; Maeda 1997). 
These estimated values differ from those reported in the literature as shown in 
Table 6.6. On closer examination, the experimental conditions and the method 
of treatment of the data reported by previous researchers varied considerably 
from those used in the present work. For instance, in the present study the 
ammonia concentration ranged between 0.2 and 2 M and the pH was carefully 
controlled and maintained constant. In the case of previously reported values,   125
noted in Table 6.6, the variation in pH and/or activity coefficients in solutions 
with ammonia concentrations up to 10 and 18 M was not discussed. 
 
The difference between the stability constant values for the Cu(NH3)2
+ and 
Cu(NH3)3
+ complexes is relatively small (Tables 6.5 and 2.3) and consequently 
the determination of the value of K3 for the Cu(NH3)3
+ complex is susceptible to 
significant error. 
 
Table 6.6  Comparison of the step-wise equilibrium constants for the 
formation of Cu(NH3)3
+ (shaded blue) with the literature values (shaded 
yellow). 
Step-wise Equilibrium Constant, K3  Media [NH3] 
(M)  Concentration Basis  Thermodynamic Basis 
1 M Na2SO4 
3 M NaCl 
0.2 - 1.5  
0.5 – 2.2 
0.36 
0.23 
0.32 
0.17 
1 M (NH4)2SO4   0.001 - 18       0.05  
a 
0.5 M NaClO4  0.14 – 10.5    ~ 0.04  
b 
1 M NaClO4  Up to 12       0.05  
c, d 
  
a  Stupko et al. (1998). 
  
b  Bjerrum (1986). 
  
c  Horvath and Stevenson (1989). 
  
d  Braish et al. (1984). 
 
 
   126
 
6.4 Copper(I)-Thiosulfate  Sytem 
A more extensive study of the copper(I)-thiosulfate system was made as it has 
not previously been studied in detail as noted in section 2.7. The experimental 
conditions encompassed a range of copper(I) concentrations at an ionic 
strength of 3.0 in Na2SO4 media which was selected to be compatible with the 
conditions used in the thiosulfate leaching process for gold extraction. 
 
As a solution of copper(II) sulfate was titrated with Na2S2O3, the solution colour 
changed from blue to green, yellow and finally turned colourless at a ratio of 
[S2O3
2-]/[Cu(II)] of 3, which is equivalent to log [S2O3
2-]Total ~ -1.46 for the 
experimental data shown in Figure 6.16. At this point all copper(II) has been 
reduced to copper(I) (Wronska et al. 1976). These results are in accord with the 
thermodynamic predictions (Figure 6.17) based on reduction potentials and 
stability constants. 
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Figure 6.16  Potential of a copper electrode in the titration of 0.01 M CuSO4 
with 2 M Na2S2O3. Ecell adjusted for a [Cu(I)] variation of less than 10% 
(Appendix F).   127
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Figure 6.17  Plot of a simulated titration of 0.03 M copper(II) with 0.1 M 
thiosulfate using Outokumpu HSC Chemistry for Windows software 
(Roine 2002). Fractions correspond to copper and sulphur as thiosulfate. 
 
Data processing for the determination of ligand coordination and stability 
constants was performed on titration data sets starting at a [S2O3
2-]/[Cu(II)] ratio 
of 3, at which point the measured potential was stable and the solution was 
colourless. 
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Each titration was carried out at least twice and reproducibility was good (within 
10 mV) as shown in Figure 6.18. Each measured potential reading only varied 
by ± 1 mV (raw data in Appendix G). This is in contrast to the experience of 
Toropova et al (1955) who found that at low thiosulfate concentrations the 
potential of a copper plated platinum electrode was unstable. 
-400
-380
-360
-340
-320
-300
-280
-260
-240
-220
-200
-1.7 -1.5 -1.3 -1.1 -0.9 -0.7
Log [S2O3
2-]free (M) 
E
C
e
l
l
 
 
(
m
V
)
 
Figure 6.18  Four titration curves of 0.01 M CuSO4 with 2 M Na2S2O3, 
showing reproducibility of the potentiometric method. Ecell adjusted for a 
[Cu(I)] variation of less than 10% (Appendix F).   129
 
Rabai and Epstein (1992a) claimed without quantification that during the 
reaction of copper(II) in perchlorate solutions with thiosulfate the pH did not 
change. Toropova et al (1955) reported that the copper(I)-thiosulfate complexes 
were stable in alkaline solutions. They found that no reoxidation of copper(I) to 
copper(II) by oxygen occurred in thiosulfate solutions under alkaline conditions. 
 
The pH change during titrations in the present study did not seem to 
significantly influence the results. Some experiments were repeated with the 
titrant pH adjusted in the range 9 to 12 with NaOH. Even though the pH ranges 
were 6.7 to 10 for one set of potentiometric experiments and 7.3 to 8.6 for the 
second set, the experimental data varied by less than 10 mV (Figure 6.19).  
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Figure 6.19  Duplicate titration curves of 0.02 M CuSO4 with 2 M Na2S2O3 at 
pH ranges a) 7.3 to 8.6 and b) 6.7 to 10. Ecell adjusted for a [Cu(I)] variation 
of less than 10% (Appendix F).   130
 
6.4.1  Determination of Thiosulfate Co-ordination to Copper(I) 
The potentiometric titration data was initially processed graphically using linear 
least squares curve fitting (Section 4.3). The concentration of S2O3
2- available to 
react with copper(I), following completion of copper(II) reduction, is referred to 
as [S2O3
2-]free. The values of [S2O3
2-]free were calculated based on the reaction 
(equation 6.9) in which one mole of S2O3
2- is required to reduce one mole of 
copper(II) to copper(I).  
  2Cu(II)  +  2S2O3
2-   '    2Cu(I)  +  S4O6
2-    (6.9) 
 
The slope of the lines in Figure 6.18 and Figure 6.19, of -184 mV, -230 or -290 
mV, indicated that the coordination number of thiosulfate relative to copper(I) is 
3.1, 3.9 or 4.9 respectively (based on a potential shift of – 59 mV per decade of 
concentration). 
 
The full titration curves which covered the reduction of copper(II) to copper(I) 
(Figure 6.16) showed end-point values which indicated that 2 moles of S2O3
2- 
were involved in the reduction of one mole of copper(II) to copper(I). This may 
be explained by the fact that Cu
+ ions do not exist in solution (Ahrland and 
Rawsthorne 1970; Solis et al. 1995) and are only stabilised in solution through 
complexation. In this case it can be described by the equation 
 2Cu
2+  +  4S2O3
2-   '    2CuS2O3
-  +  S4O6
2-    (6.10) 
 
Rabai and Epstein (1992a), Wronska et al (1976) and Toropova et al (1955) 
proposed that copper(II) was reduced to copper(I) via reaction 6.10. The latter   131
workers reported potentiometric end-point results, which agree with the values 
determined in the present study. 
 
It was also suggested (Wronska et al. 1976) that at higher thiosulfate 
concentrations the overall reaction may be; 
2Cu
2+  +  5S2O3
2-     '     Cu(S2O3)2
3-  +  CuS2O3
-  +  S4O6
2-   (6.11) 
 
The values of [S2O3
2-]free were re-calculated based on reaction 6.10. Graphical 
plots (Figure 6.20) of the potentiometric titration data based on these [S2O3
2-]free 
values showed lines with slopes representing more realistic S2O3
2- coordination 
numbers indicative of the three species reported in the literature (Table 2.9). It 
was assumed that during the potentiometric titrations, other sulphur species 
such as S4O6
2- did not affect the measured potential. 
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Figure 6.20  Potentiometric titration curve of 0.001 M CuSO4 with 0.1 M 
Na2S2O3. [S2O3
2-]free calculated based on equation 6.19. Ecell adjusted for a 
[Cu(I)] variation of less than 10% (Appendix F).   132
 
6.4.2  Determination of Stability Constants 
The initial selection of species which best described the system under 
investigation was expressed in terms of the equilibria; 
Cu
+  +  nS2O3
2-     '     Cu(S2O3)n
1-2n     
  (6.12) 
 
A total of 17 titration data sets were processed and the results could be fitted 
using the complexes Cu(S2O3)
-, Cu(S2O3)2
3- and Cu(S2O3)3
5- with stability 
constant values of log β1 = 9.29 ± 0.07, log β2 = 12.17 ± 0.03 and log β3 = 14.48 
± 0.01 respectively (Appendix G). The calculations excluded any corrections for 
junction potentials since the calculated value for Ej(2,3) was significantly smaller 
than the experimental error (Appendix D). 
 
The stability constant values remained constant with varying initial copper(I) 
concentrations (0.001 to 0.02 M) indicating that the species involved were 
mononuclear. If the species were polynuclear stability constant values would 
change with changing copper(I) concentrations (Rossotti and Rossotti, 1961; 
Martell and Motekaitis, 1988). Black et al (2002) mentioned that they performed 
experiments at varying copper(I) concentrations to test the formation of 
polynuclear complexes, but did not report the results.   133
 
The stability constant values obtained for the complexes Cu(S2O3)
-, Cu(S2O3)2
3- 
and Cu(S2O3)3
5- are in close agreement with the previously reported values 
summarized in Table 2.9. Using linear free energy relationships between the 
metals Ag(I) and Cu(I), the correlation of the thermodynamic data obtained in 
this study is better than that of the literature, Figure 6.21 (R
2 = 0.99) compared 
to Figure 2.5 (R
2 = 0.98). 
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Figure 6.21  Linear free energy relationship between Cu(I) and Ag(I) 
thiosulfate complexes. Ag data at I = 3 and 25 °C from Smith et al. (2004). 
S = S2O3
2-. 
 
Given the experimental restrictions of thiosulfate concentration the ratio of 
[S2O3
2-]/[Cu(II)] was high enough to detect all three copper(I)-thiosulfate 
complexes at the lowest copper(I) concentration tested of 0.002 M. At a higher 
copper(I) concentration of 0.005 M only two complexes could be detected, 
namely Cu(S2O3)2
3- and Cu(S2O3)3
5- while at even higher copper(I) 
concentrations of 0.01 and 0.02 M, only the Cu(S2O3)3
5- complex was detected.    134
 
6.5 Summary 
The main species and their stability constants have been determined for the 
copper(I)-ammonia system in various media and for the copper(I)-thiosulfate 
system in sulfate media. These results are summarised in Table 6.7.  
 
Table 6.7  pKa (NH4
+) values and stability constants for the main species in 
the copper(I)-NH3 and copper(I)-S2O3
2- systems in various media at 25°C 
and I = 3.0. 
Stability Constant, log β 
Cu(NH3)2
+ Cu(NH3)3
+ CuS2O3
- Cu(S2O3)2
3- Cu(S2O3)3
5-
 
pKa (NH4
+) 
 
Medium 
 
pH 
    10.37      9.93      9.29      12.17      14.48       9.89  1 M Na2SO4    10 
    10.57      9.93        -       -       -       9.49  3 M NaCl    9.5 
    10.26      ND       -       -       -       9.5  3 M NaClO4    9.5 
    10.37      ND       -       -       -       -  3 M 
NaCl/NaClO4 
  9.5 
     -       -       -       -       -       9.58  3 M NaNO3    9.5 
  ND = Not detected. 
   -  = Not determined. 
 
Evaluation of the applied experimental techniques showed that; 
(i)  Overnight roll-mixing of copper(I) solutions containing ammonia did not 
affect the ammonia concentrations. 
(ii)  The pKa (NH4
+) values in NaCl, NaClO4 and NaNO3 media fell closely 
together between 9.49 and 9.58 (Table 6.7) because the effects of media ion 
association were insignificant. However, the pKa (NH4
+) value (9.89) in Na2SO4 
was much higher than for the other media due to significant ion association 
effects from the formation of NH4SO4
- and NaSO4
-. The pKa (NH4
+) value in   135
thiosulfate media was predicted to be similar to that for sulfate media since the 
formation constants for NH4S2O3
- and NaS2O3
- are similar to their sulfate 
counterparts. The importance of using the correct pKa (NH4
+) values was 
demonstrated in that a pKa difference of 0.4 between two solutions, differing in 
electrolyte composition but of the same ionic strength and pH, could 
significantly affect the final free ammonia concentration of the mixed solution 
even though the final solution may have the same pH as the two original 
solutions. 
 
No mixed ammonia-chloride nor ammonia-sulfate complexes of copper(I) were 
detectable under the experimental conditions studied. This led to the conclusion 
that neither chloride or sulfate are involved in complexation with copper(I)-NH3. 
Since copper(I)-S2O3
2- species are generally more stable than copper(I)-NH3 
species (Table 6.7), it would be unlikely that chloride or sulfate would form 
mixed complexes with copper(I)-S2O3
2- species. 
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7 RESULTS:  COPPER(I)-AMMONIA-THIOSULFATE SYSTEM 
The previous study on the mono-ligand systems copper(I)-NH3 and copper(I)-
S2O3
2- (Chapter 6) set the foundations for the thermodynamic study of the more 
complex copper(I)-NH3-S2O3
2- system. It was established that in high sulfate or 
chloride media, mixed complexes would not form with copper(I)-NH3 or 
copper(I)-S2O3
2-. The aim of this study was to determine if mixed ligand 
complexes of copper(I)-NH3-S2O3
2- formed under particular experimental 
conditions and in different anionic media, such as sulfate and chloride, and to 
determine their respective stability constants. Studies of the copper(I)-NH3-
S2O3
2- system in perchlorate media were not performed due to the lack of 
practical importance in this investigation. However, NaClO4 was used during the 
chloride media study to maintain constant ionic strength. The study in chloride 
media also aimed to confirm the prediction that chloride would not be involved 
in complex formation with copper(I) species in the presence of both ammonia 
and thiosulfate. 
 
7.1 Sulfate  Media 
A total of 21 potentiometric titrations were performed over a concentration range 
of total ammonia of 0.4 to 4.5 M and of thiosulfate of 0 to 0.63 M. Two 
experimental methods were applied. Method 1 involved the titration of a 
copper(I)-NH3 solution with a titrant of identical composition but also containing 
thiosulfate. Method 2 involved the titration of a copper(I)-NH3 solution with 
thiosulfate. The volume of thiosulfate added was small enough so that the total 
concentrations varied by less than 10% due to the volume change. The quality 
and reproducibility of the data obtained using method 2 required comparison 
with method 1 (the raw data is presented in Appendix H). The results from both   137
methods compared well and Figures 7.1 and 7.2 demonstrate the reproducibility 
between the two methods. The latter also demonstrates the reproducibility 
within method 2 for which the data at 0.4 M NH3 is displayed in triplicate and for 
4 M NH3 is shown in duplicate.  
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Figure 7.1  Potentiometric titrations of copper(I)-NH3 solutions in sulfate 
media with thiosulfate, by method 1 at various total ammonia 
concentrations and pH = 9.9. [Cu(I)] = 0.03 M. 
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Figure 7.2  Potentiometric titrations of copper(I)-NH3 solutions in sulfate 
media with thiosulfate, by method 2 at various total ammonia 
concentrations and pH = 9.9. Ecell adjusted for a [Cu(I)] variation of less 
than 10% (Appendix F). [Cu(I)] = 0.03 M.  
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The general trend shown by Figures 7.1 and 7.2 is that Ecell decreases as the 
thiosulfate concentration increases and it also decreases with increasing 
ammonia concentration. The latter effect is less marked at higher thiosulfate 
concentrations where both ammonia and thiosulfate are competing for 
coordination to the copper(I) sites. These trends indicate the possible formation 
of mixed-ligand complexes of copper(I)-ammonia-thiosulfate.  
 
The copper(I) coordination numbers for thiosulfate were determined from plots 
of ECell versus log [S2O3
2-], from where a straight line commences, (Figures 7.1 
and 7.2) to be n = 1 and 2 at fixed ammonia concentrations and from . At low 
ammonia concentrations (0.4 M) the potentiometric curve is very sensitive to 
speciation changes and these are reflected as a drop in potential at log [S2O3
2-] 
~ - 1.4. 
 
The coordination numbers for ammonia (Table 7.1) were determined from plots 
of ECell versus log [NH3] at fixed thiosulfate concentrations. The same general 
trend was observed from applying either experimental methods 1 or 2. At the 
start of the potentiometric titrations, when the thiosulfate concentrations are low, 
the n values are greater than 2, indicating that a mixture of Cu(NH3)2
+ and 
Cu(NH3)3
+ exists in solution with the former being the predominant species. This 
is in agreement with the results obtained for the copper(I)-ammonia systems 
(Section 6.3.4). As the thiosulfate concentration increased in a copper(I)-
ammonia solution the coordination number for ammonia decreased from 2.4 to 
0.96.   139
 
Table 7.1  Coordination number for ammonia with copper(I) at various 
thiosulfate concentrations. [NH3]T = 0.4 to 4.5 M. 
 
Method 
S2O3
2- Concentration 
(M) 
Coordination Number, n 
for NH3   
 
 
1 
0.0016 
0.003 
0.077 
0.012 
0.021 
0.025 
0.031 
0.050 
0.124 
0.20 
1.9 
2.4 
2.4 
2.3 
2.2 
2.1 
1.94 
1.4 
1.0 
0.96 
 
 
2 
0.005 
0.010 
0.015 
0.020 
0.025 
0.030 
0.049 
0.12 
0.174 
0.182 
2.25 
2.2 
2.1 
2.05 
1.97 
1.9 
1.4 
1.1 
1.06 
1.06 
 
Summarising the observations from Table 7.1 and Figures 7.1 and 7.2, as the 
thiosulfate concentration increased during a potentiometric titration, n changed 
from 1 to 2 relative to [S2O3
2-] while n changed from 2 to 1 relative to [NH3]. 
These trends suggest that as the thiosulfate concentration is increased a 
copper(I)-monothiosulfate complex is formed. At higher thiosulfate 
concentrations there is strong evidence for a copper(I)-dithiosulfate complex. 
The coordination numbers for ammonia indicated that ammonia is involved in 
the complex formation with copper(I) in the presence of thiosulfate. This 
suggests that one or more mixed ligand complexes were formed with copper(I), 
such as Cu(NH3)2(S2O3)
-, Cu(NH3)(S2O3)
- or Cu(NH3)(S2O3)2
3-. 
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7.1.1   Speciation Model 1 
The experimental data was fitted to a mathematical expression derived for a 
specific speciation model. The basic principles were discussed in section 4.5. In 
this case the model assumes the existence of Cu(NH3)2(S2O3)
- (2N1S) and 
Cu(NH3)(S2O3)2
3- (1N2S) complexes in the presence of Cu(NH3)2
+ and 
Cu(NH3)3
+. The following expression can be derived from the various equilibria 
with the RHS being denoted as “Y”. It can be calculated from the experimental 
data with known values of β2N and β3N. 
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A plot of Y versus [S2O3
2-]/[NH3] produced a straight line and a typical example 
is shown in Figure 7.3. The y-intercept is insignificantly small and thus the value 
for β2N1S is small. 
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Figure 7.3  Experimental data fitted to the mathematical model for 
speciation model 1.  
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Table 7.2 summarises the values for β1N2S, which were obtained graphically 
from the slope. The log β1N2S values are independent of the [NH3]T/[S2O3
2-] 
ratios. The results from this model indicate that the presence of the 
Cu(NH3)(S2O3)2
3- complex is highly likely but that the stability constant for the 
Cu(NH3)2(S2O3)
- complex is small. 
 
Table 7.2  Stability constants for speciation model 1.  
Final  
[NH3]T/[S2O3
2-] 
Ratio 
 
Log β1N2S 
Correlation  
Coefficient, R 
23 14.28 
14.24 
14.21 
0.9986 
0.9992 
0.9991 
20 14.24 
14.25 
0.9988 
0.9980 
15 14.14  0.9987 
14 14.30 
14.30 
a 
0.9986 
0.9949 
a 
10 14.23 
14.27 
a 
14.23 
a 
0.9974 
0.9945 
a 
0.9962 
a 
5 14.21 
14.33 
a 
0.9975 
0.9930 
a 
2 14.19 
14.23 
14.25 
14.26 
a 
0.9951 
0.9965 
0.9939 
0.9917 
a 
Mean Value 
Std. Dev. 
% 
14.24 
0.05 
0.32 
 
Most of the data was obtained by using experimental method 2. 
  
a   Data obtained by using experimental method 1. 
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7.1.2  Speciation Model 2 
This model assumes the presence of Cu(NH3)(S2O3)
- (1N1S) and 
Cu(NH3)(S2O3)2
3- (1N2S) complexes in the presence of Cu(NH3)2
+ and 
Cu(NH3)3
+. The relevant mathematical expression is shown below, in which the 
RHS is assigned the function “Y”. 
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A plot of Y versus [S2O3
2-] fitted a polynomial curve and a typical example is 
shown in Figure 7.4. The negative y-intercept value is small and thus a value for 
β1N1S cannot be determined. 
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Figure 7.4  Experimental data fitted to the mathematical model for 
speciation model 2.  
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Values for β1N2S were obtained graphically and they are consistent at all 
[NH3]T/[S2O3
2-] ratios as shown in Table 7.3. 
 
Table 7.3  Stability constants for speciation model 2. 
Final  
[NH3]T/[S2O3
2-] 
Ratio 
 
Log β1N2S 
Correlation  
Coefficient, R 
23 14.29 
14.24 
14.21 
0.9995 
0.9997 
0.9996 
20 14.25 
14.27 
0.9995 
0.9995 
15 14.15  0.9994 
14 14.32 
14.33 
a 
0.9996 
0.9989 
a 
10 14.25 
14.30 
a 
14.26 
a 
0.9992 
0.9985 
a 
0.9992 
a 
5 14.23  0.9993 
2 14.21 
14.25 
14.28 
0.9978 
0.9988 
0.9972 
Mean Value 
Std. Dev. 
% 
14.26 
0.05 
0.32 
 
Most of the data was obtained by using experimental method 2. 
  
a   Data obtained by using experimental method 1. 
 
 
The results from these calculations indicate that the Cu(NH3)(S2O3)2
3- complex 
is the most predominant of the mixed complexes. Both models gave similar 
values of 14.25 ± 0.05 for the logarithm of the stability constant for this complex. 
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7.1.3 Preliminary  β values 
As previously mentioned, graphical plots of ECell versus log [S2O3
2-]Total showed 
that at high [NH3]T/[S2O3
2-] ratios of 10 to 23, the coordination numbers for 
thiosulfate were in the range n = 1 to 2 (Figures 7.1 and 7.2). The Y-intercept 
from these graphs in the case for which the slope is 2, is related to the stability 
constant (equation 4.14, Section 4.3) for the mixed ligand complex 
Cu(NH3)(S2O3)2
3-. 
 
The average log β1N2S value was calculated to be 14.39 ± 0.14 (Appendix I), 
based on data from 10 potentiometric titrations. This compared well with 
previous preliminary calculations, from which the main species at high 
[NH3]T/[S2O3
2-] ratios of 10 to 23 was expected to be Cu(NH3)(S2O3)2
3- with a log 
β1N2S value of 14.25 ± 0.05. 
 
Based on preliminary determinations, the speciation of the copper(I)-NH3-S2O3
2- 
system can be summarised as follows; 
 
 Cu(NH3)2
+   (70-100%)      Log β 
 Log  β2N = 10.36        12.6 *        Cu(NH3)2(S2O3)
-  
       1 2 . 6   *                 C u ( N H 3)(S2O3)
-  
               +  S2O3
2- →  14.25 **       Cu(NH3)(S2O3)2
3- 
 Cu(NH3)3
+   (10-30%)      12.17    Cu(S2O3)2
3- 
 Log  β3N  =  9.93     14.48   Cu(S2O3)3
5- 
                      *  Assigned arbitrary values 
                      ** Preliminary calculated values   145
 
Before titration with thiosulfate, the main species present in solution are the 
diamine- and triammine- complexes of copper(I). As thiosulfate is introduced 
into the system, a combination of all seven species is possible depending on 
the relative concentrations of the ligand. From preliminary calculations the 
following could be expected 
(i)   At high [NH3]T/[S2O3
2-] ratios, the predominant species would be  
      Cu(NH3)(S2O3)2
3-. 
(ii)  At lower [NH3]T/[S2O3
2-] ratios, the predominant species would be  
      Cu(S2O3)3
5-. 
 
Thiosulfate complexes of copper(I) are expected to be present when thiosulfate 
is in excess. The monothiosulfate complex of copper(I), having a log β value of 
9.29 is not expected to be present in this system since it is not stable relative to 
the ammine complexes.  
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7.1.4  Accurate Determination of Stability Constants 
Stability constants for the mixed-ligand complexes were accurately determined 
using the in-house program described in section 4.4 based on a total of 21 
titration data sets. All seven species summarised in section 7.1.3 were taken 
into account. The mixed ligand complexes were allocated initial log β values 
obtained from the preliminary calculations.  
 
The calculated liquid junction potential Ej(2,3) was significantly lower than the 
experimental error (Appendix D) and the calculations therefore excluded any 
correction for junction potentials. 
 
Figure 7.5 shows the first page of results obtained using the in-house program 
(Appendix H). The validity of the species model chosen and the quality of the 
derived stability constants were assessed as satisfactory following the criteria 
described in section 4.4. The in-house Excel program allowed the fine 
adjustments of parameters at very low thiosulfate concentrations for which the 
experimental data was difficult to fit due to limited accuracy in calculating very 
low free-thiosulfate concentrations. 
 
   147 
 
Figure 7.5  Estimation of stability constants based on the in-house program for the copper(I)-NH3-S2O3
2-  
system in sulfate media at pH 10, I = 3.0, 25°C. First page only.   148
 
As predicted from preliminary β value determinations, the predominant mixed-
ligand species were Cu(NH3)(S2O3)
- and Cu(NH3)(S2O3)2
3- with log β values of 
13.01 ± 0.01 and 14.26 ± 0.01 respectively. The latter value agreed very well 
with the preliminary log β values of 14.25 determined in sections 7.1.1 and 
7.1.2. The log β value obtained for the complex Cu(NH3)2(S2O3)
- was not valid 
(Figure 7.5) because this complex was not present in concentrations adequate 
for an accurate determination.  
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7.2 Chloride  Media 
In order to determine whether mixed copper(I)-NH3-S2O3
2- complexes formed in 
chloride media as well as confirming that chloride would not be involved in 
complex formations with copper(I) species, the experiments were performed in 
two different ways: 
a) at varying chloride concentration 
b) at constant chloride concentration 
 
7.2.1  Varying Chloride Concentration 
If chloride is involved in the complexation with copper(I) in the copper(I)-NH3-
S2O3
2- system, the effect would be more pronounced at low ammonia and 
thiosulfate and at high chloride concentrations. This is based on the difference 
in the stabilities of the complexes Cu(NH3)2
+ (log β ~ 10, from Table 6.7), 
CuS2O3
- (log β 9.29, from Table 6.7) and CuCl3
2- (log β ~ 5, from Table 2.8). 
 
For this reason the experimental conditions were chosen to provide low 
ammonia and high chloride concentrations. Thus, chloride concentrations of 
1.5, 2.0 and 3.0 M at fixed total ammonia (1.0 M) and thiosulfate (0.18 M) 
concentrations were used. 
 
Figure 7.6 shows the potentiometric titration curves (some in duplicate) 
obtained at different chloride levels and an ionic strength of 3.0 (NaCl/NaClO4). 
The variation of the curves with changing chloride concentration appears to be 
within that found for duplicate experiments i.e. within 13 mV. This difference is   150
not significant enough to be attributed to any effect due to chloride, and it is 
probably within experimental error. If chloride formed mixed-ligand complexes 
the curves at varying chloride levels would not overlap but would be expected to 
show more negative ECell values with increasing chloride concentration. 
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Figure 7.6  Potentiometric titrations (some in duplicate) of copper(I)-NH3 
solutions in chloride media with thiosulfate at varying chloride 
concentrations at pH = 9.5 and I = 3.0 (NaCl/NaClO4). Ecell adjusted for a 
[Cu(I)] variation of less than 10% (Appendix F). [Cu(I)] = 0.03 M, [NH3]T = 
1.0 M.  
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7.2.2  Constant Chloride Concentration 
The experiments covered concentration ranges of 0.4 to 6 M for total ammonia 
and 0 to 0.18 M for total thiosulfate. Figure 7.7 shows the potentiometric titration 
curves obtained (some in duplicate) with good reproducibility of ± 6 mV (raw 
data in Appendix J). 
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Figure 7.7  Potentiometric curves (some in duplicate) for the titration of 
copper(I)-NH3 solutions in chloride media with thiosulfate by method 2 at 
pH = 9.5. Ecell adjusted for a [Cu(I)] variation of less than 10% (Appendix 
F). [Cu(I)] = 0.03 M, [Cl
-] = 3.0 M. 
 
These titration curves (Figures 7.7 and 7.8) are comparable with those obtained 
in sulfate media (Section 7.1, Figures 7.1 and 7.2). The same change in 
coordination number was obtained with increasing thiosulfate concentration i.e. 
n = 1 to 2 for thiosulfate and n = 2 to 1 for ammonia. 
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When the potentiometric titration curves obtained in sulfate and in chloride 
media are displayed in one graph (Figure 7.8), some interesting trends are 
observable. 
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Figure 7.8  Potentiometric titrations of copper(I)-NH3 solutions with 
thiosulfate in (---) sulfate media, [SO4
2-] = 1.0 M, pH 9.9 and (---) chloride 
media, [Cl
-] = 3.0 M,pH 9.5 at total ammonia concentrations of a) 0.4 M, b) 1 
M, c) 2 M, d) 4 M and e) 6 M. Ecell adjusted for a [Cu(I)] variation of less 
than 10% (Appendix F). [Cu(I)] = 0.03 M. | denotes the inflection point of 
each curve. 
 
The point at which the cell potential (ECell) starts to decrease from a horizontal 
line (termed “inflection point”) represents the value of log [S2O3
2-] at which 
copper(I) speciation changes from copper(I)-NH3 complexes to copper(I)-NH3-
S2O3
2- mixed complexes. At a particular value of [NH3] the inflection point is the 
same for both chloride and sulfate media. This indicates that the same change 
in speciation may be occurring in both media. Also the inflection point shifts to 
higher thiosulfate concentrations as the ammonia concentration increases.  
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As the thiosulfate concentration increases the potential becomes more negative 
the extent of which shift depends on the medium. The potentials are less 
negative in chloride media compared with the values obtained in sulfate media 
at high concentrations of thiosulfate. Such difference can be explained in terms 
of ion association (Section 2.2). Chloride association with sodium ions is 
negligibly small compared with other anions. However, sulfate and thiosulfate 
form relatively stronger ion-pairs with both sodium and ammonium ions. In 
sulfate media, the association of thiosulfate with Na
+ and NH4
+ ions is reduced 
by competition from sulfate anions. In chloride media, thiosulfate has relatively 
little competition and thus more thiosulfate will associate with Na
+ and NH4
+ 
ions. Therefore, as thiosulfate is introduced into the system, the potential will be 
more negative in sulfate media than in chloride media because there is a higher 
concentration of free thiosulfate in the former to complex with copper(I). 
 
According to equation 4.15, the potential should become more negative with 
increasing concentration of free ammonia. This is obvious from the 
potentiometric titration curves prior to the inflection point, at high [NH3]:[S2O3
2] 
ratios. The difference in potential values between chloride and sulfate media 
becomes less pronounced as the ammonia concentration increases. Curve “a” 
representing the lowest [NH3], showed the greatest difference in potentials, 
which are more negative in chloride media. This can be explained by the lower 
free ammonia concentration in sulfate media due to association as NH4SO4
-. As 
the ammonia concentration increases, while sulfate levels remain constant, the 
effect of association becomes less pronounced.   154
 
7.2.3  Stability Constants of Mixed Complexes in Chloride Media. 
The presence of up to 3 M chloride did not seem to significantly affect the 
species present in the copper(I)-ammonia-thiosulfate system. Thus the same 
species established for sulfate media (Section 7.1) would be expected to be 
present in chloride media.  
 
The formation constants of the mixed-ligand copper(I)-NH3-S2O3
2- complexes 
were calculated (Section 4.4) using the optimised formation constants for the 
copper(I)-NH3 complexes in chloride media (Section 6.3.4) and the copper(I)-
S2O3
2- complexes (Section 6.4), Table 6.5. The free ammonia concentrations 
were calculated using the pKa (NH4
+) value determined in chloride media 
(Section 6.2). The resulting logarithm of the stability constants for the 
complexes Cu(NH3)(S2O3)
- and Cu(NH3)(S2O3)2
3- were 12.67 ± 0.01 and 14.02 
± 0.01 respectively (Figure 7.9 and Appendix J). These values are comparable 
with the values reported in section 7.1.4. 
 
As in the study in sulfate media (Section 7.1), the experimental data at very low 
thiosulfate levels was difficult to fit to the mathematical model due to poor 
accuracy of the calculated free-thiosulfate concentrations.  155 
 
Figure 7.9  Stability constants estimated for the copper(I)-NH3-S2O3
2- system in chloride media  
at pH 9.5, I = 3.0, 25°C. First page.   156
 
7.3 Summary 
The study of the copper(I)-ammonia-thiosulfate system in sulfate and chloride 
media has led to the identification of two mixed-ligand complexes (Table 7.4), 
Cu(NH3)(S2O3)
- and Cu(NH3)(S2O3)2
3-, which have not been reported by 
previous researchers. The calculated stability constants were slightly lower in 
chloride media, which would be equivalent to a 13 to 20 mV difference in the 
measured potential values. This difference is possibly due to ion association 
effects discussed earlier (Section 7.2.2), as a result of which the free thiosulfate 
concentration would be higher in sulfate media, producing more negative 
potential values and thus higher stability constants. 
 
Table 7.4  Stability constants for mixed-ligand copper(I)-NH3-S2O3
2- 
complexes in sulfate and chloride media at 25°C and I = 3.0. 
Stability Constant,  log β   
Medium 
Cu(NH3)(S2O3)
- Cu(NH3)(S2O3)2
3- 
Na2SO4      pH 10                  13.01                 14.26 
NaCl        pH 9.5                  12.67                 14.02 
 
 
Although the effect of ion association of sodium with the anionic mixed-ligand 
complexes has not been investigated in this study, it may be important and it 
should be considered in future studies. 
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7.4  Assessment of Predictive Methods 
Although the predicted β values for mixed-ligand complexes of copper(I) varied 
widely (Table 3.2) depending on the method adopted, methods 1 and 4 gave 
values that are approximately one order of magnitude different from the 
observed values (Table 7.4). The predicted values were solely based on 
literature data for the single ligand complexes.  
 
Even though predictive method 1 (Section 3.1) differs from the other methods in 
that it does not require reported β values for mixed-ligand complexes, the 
method is based on a number of assumptions, each leading to uncertainties, 
which results in predicted β values of considerable uncertainty. 
 
Method 4 (Section 3.4) can now be reapplied using the data obtained in the 
present study (Chapter 6) to produce Figure 7.10. It is important to note that the 
data for copper(I)-S2O3
2- species show a better fit than the literature data 
(Figure 3.6). Since an experimental value for the Cu(NH3)
+ complex could not 
be determined, the value reported by Bjerrum (1934) was used. The dashed 
line denotes a linear relationship based on the average slope of the two lines 
(equation 7.1). 
 
   X Y ) 974 . 0 479 . 1 ( 5 . 0 + =       ( 7 . 1 )  
 
Using equation 7.1 and the stability constant value for Ag(NH3)(S2O3)
- reported 
by Perera and Senanayake (2004), the predicted log β value for the   158
Cu(NH3)(S2O3)
- complex would be 13.25. This predicted figure is much closer to 
the observed log β value of 13.03 in sulfate media, in comparison with the 
predicted value of 13.66 based on literature data (Section 3.4). 
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Figure 7.10  Correlation of experimental thermodynamic data for copper(I)-
NH3 and copper(I)-S2O3
2- species. Ag data at I = 3 and 25 °C from Smith et 
al. (2004). Ligand S = S2O3
2- and N = NH3. The dashed line denotes the 
relationship Y = 0.5(1.479 + 0.974)X. 
 
It is not unexpected that predictive method 4 produces more accurate estimates 
than method 3 (Section 3.3). The former correlates thermodynamic data for the 
same set of ligands as those for the unknown species. On the other hand, 
method 3 uses thermodynamic data from a wider range of ligands including 
groups involving differing donor atoms such as N-, S- and halide-, which differ in 
electronegativity. This trend was observed for the tri-ligand system (Figure 3.5). 
 
The general trend shown in Figure 7.10 is that the copper(I)-S2O3
2- and silver(I)-
S2O3
2- complexes are more stable than the metal-ammonia complexes and the 
two ligands follow different linear free energy relationships. This is expected 
based on the hard and soft acids concept for classification of metal ions and   159
ligands promulgated by Pearson (1963; 1973). Both the Cu
+ and Ag
+ ions are 
classified as soft acids, which are defined as having easily polarisable electrons 
with low charge (Mackay and Mackay 1981; Marcus 1997). These “soft” metal 
ions will form more stable complexes with the “soft” ligand thiosulfate than they 
would with the “harder” ligand ammonia. 
 
In order to explain why method 4 yields better predictions than method 2, it is 
useful to graphically examine all the thermodynamic data determined during this 
study (Figures 7.11 and 7.12). 
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Figure 7.11  Graphical representation of all thermodynamic data 
determined in sulfate media. Ligand S = S2O3
2- and N = NH3. 
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Figure 7.12  Graphical representation of all thermodynamic data 
determined in chloride media. Ligand S = S2O3
2- and N = NH3. 
 
A consistent pattern is observed in both sets of data, in that the line for the 
mixed-ligand complexes lies above that for the more stable Cu(I)-S complexes 
at a distance equivalent to the difference between the Cu(I)-S and the Cu(I)-N 
complexes. This suggests that the ligands are involved in an inner-sphere 
complex and that ion-association may not be involved with these ligands. Thus 
the predictive formulae are 
 Predicted  logβ1N1S = 2logβ1S - logβ1N     (7.2) 
 
 Predicted  logβ1N2S = 2logβ2S - logβ2N     (7.3) 
 
In both graphs the predicted β values (equations 7.2 and 7.3) fall very close to 
the observed values.   161
The relationship described by equation 7.2 to predict log β1N1S differs 
significantly from that described by equation 3.2, on which predictive method 2 
is based. Equation 3.2 was derived from thermodynamic data reported for the 
Ag(I)-NH3-S2O3
2- system whereas equation 7.2 was derived from 
thermodynamic data for the copper(I)-NH3-S2O3
2- system as obtained in the 
present investigation.  
 
 
In summary, the prediction of stability constants for unreported mixed-ligand 
complexes is subject to considerable uncertainty and limitations and the results 
should be taken advisably. Nevertheless, such predictive work adds to our 
knowledge of the stability of such complexes and can be used to qualitatively 
predict the stabilities of mixed ligand complexes relative to those of the 
corresponding single ligand species. 
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8  RESULTS: INFLUENCE OF ANIONS ON THE COPPER(II)-AMMONIA 
SYSTEM 
This study aimed to establish whether the anions sulfate, perchlorate and 
chloride are involved in the formation of mixed-ligand complexes with copper(II)-
NH3 species in the absence of thiosulfate and to determine stability constants 
for any of these complexes. Two techniques were applied in this study. 
 
8.1 UV/Vis.  Spectrophotometry 
Two research groups have studied the effects of anions on the kinetics of the 
oxidation of thiosulfate by copper(II) ammines using UV/Vis spectrophotometry 
(Section 2.10). Van Wensveen (In preparation) studied the effect of chloride, 
sulfate and perchlorate on the rate of disappearance of a copper(II)-NH3-S2O3
2- 
intermediate by monitoring the decrease of the absorbance at 335 nm. The test 
solutions contained 0.05 M ammonia, 0.075 M thiosulfate and 10 mM copper 
sulfate. Breuer and Jeffrey (2003a) monitored the changes of the broad 
absorbance peak at 605 nm, corresponding to the Cu(NH3)4
2+ complex in their 
study of the effects of chloride, sulfate, nitrate and other oxysulfur anions. They 
observed a small shift in the peak position with the addition of anions to a 
copper(II)-NH3–S2O3
2- solution containing 0.4 M ammonia, 0.1 M thiosulfate and 
10 mM copper sulfate. 
 
Based on Breuer and Jeffrey’s published work (2003a), the present 
investigation applied UV/Vis spectrophotometry to the study of the 
thermodynamic effects of sulfate on the copper(II)-ammonia system. This was 
done by monitoring the wavelength maximum for the Cu(NH3)4
2+ absorbance   163
peak (λMax 596 nm). An initial scan in the spectral range between 300 and 900 
nm revealed one main peak (Figure 8.1), which showed a maximum 
absorbance at 596 nm. This is indicative of the Cu(NH3)4
2+ complex being the 
main species in solution (Bjerrum et al. 1954; Grant and Kollrack 1961). The 
results are in agreement with the study of similar copper(II)-NH3 solutions at pH 
9 to 10 by other researchers (Lam and Dreisinger 2003) who found the 
Cu(NH3)4
2+ complex to be the predominant species.  
 
There was no significant shift of the wavelength maximum with changing 
concentration of sulfate, covering the range from 0.21 to 1.80 M. The spectral 
peak (Figure 8.1) monitored was very broad and this made it difficult to detect 
any small shift in wavelength which would be indicative of sulfate complexation 
with Cu(NH3)4
2+. Consequently, it was decided to abandon the use of this 
technique as it appeared to be insensitive to the effects of anions on the 
copper(II)-ammonia system. 
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Figure 8.1  The effect of sulfate concentration on the UV/Vis spectrum for 
Cu(NH3)4
2+. [Cu(II)] = 0.01 M, [NH3]T = 0.2 M, 25 °C.  
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8.2 Potentiometry 
Copper(I) solutions containing fixed concentrations of ammonia in a specific 
anionic medium were titrated with hydrogen peroxide to completely oxidise 
copper(I) to copper(II). The electrode potential of the copper(II)-copper(I) couple 
was monitored using a platinum wire electrode (Section 5.3). 
 
Typical copper(I) potentiometric titration curves were obtained (Figure 8.2) in 
the presence of sulfate, chloride and perchlorate. The pH of each solution 
remained constant throughout a titration experiment. The average pH values at 
the low sulfate, chloride or perchlorate concentrations were 9.2, 9.3 and 9.3 ± 
0.1 respectively and at the high anion concentrations the pH values were 9.6, 
9.3 and 9.5 ± 0.1 respectively. 
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Figure 8.2  Typical potentiometric titration curve for oxidation of a 
copper(I) solution in sulfate media with 0.3 M H2O2. [SO4
2-] = 1.57 M, [Cu(I)] 
= 0.03 M, [NH3]T = 0.5 M. 
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Hydrogen peroxide has previously been found to react extremely quickly with 
copper(I) before reacting with any ammonia present in the system (Nicol 2004). 
The rate of the reaction between copper(I) and H2O2 is significantly greater than 
the rate of reaction between H2O2 and ammonia. This even applies when the 
ammonia concentration is 8 times higher than that of copper(I) in the presence 
of excess H2O2. The presence of only one well-defined inflection point at the 
expected stoichiometry (Figure 8.2) confirms that no oxidation of ammonia is 
occurring. 
 
From the copper(I) oxidation curves, values were extracted for half-wave 
potentials (E1/2) shown in Table 8.1 as well as for quarter-wave, one-third-wave, 
two-third-wave and three-quarter-wave potentials (E1/4, E1/3, E2/3 and E3/4 
respectively). The determination of the latter potentials pivoted around the E1/2 
value, which was determined from a first derivative plot (Figure 8.3). These 
values were used to predict the shift in E1/2 caused by complex formation (ΔE1/2) 
and β values for mixed complexes of copper(II)-NH3-anion. 
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Table 8.1  Half-wave potentials obtained from copper(I) oxidation curves at 
low and high concentrations of sulfate, chloride and perchlorate.  
Salt Concentration  Low  High 
[SO4
2- ]  (M)  0.26  1.57 
 
ΔE1/2  (mV) 
E1/2  (mV)  - 120 
- 119 
 
- 161 
- 165 
- 159 
 
~  - 40 
[Cl
- ]  (M)  0.25  4.63 
E1/2  (mV)  - 99 
- 100 
- 98 
- 130 
- 127 
- 130 
 
 
~  - 30 
[ClO4
- ]  (M)  0.25  4.75 
E1/2  (mV)  - 99 
- 98 
- 100 
- 128 
- 130 
- 128 
 
 
~  - 30 
     ΔE1/2 = potential difference between low and high salt media. 
  Each test was done in triplicate. 
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Figure 8.3  First derivative plot for the titration of a copper(I) solution in 
sulfate media with 0.3 M H2O2. [SO4
2-] = 1.57 M, initial [Cu(I)] = 0.03 M, 
[NH3]T = 0.5 M.  
   167
8.3 Discussion 
The difference (ΔE1/2) between E1/2 values at low and high chloride and 
perchlorate concentrations was 30 mV and for sulfate media it was 40 mV 
(Table 8.1). Thus, at the higher salt concentrations the potentials became 
significantly more negative. Triplicate titration curves overlapped within a 15 mV 
range. Thus the observed potential changes to the increase in anion 
concentration may be attributed to reasons other than just experimental error. 
The reasons may be; 
 
(i)  Ionic Strength Effects.  
The ionic strength changed between the experiments performed at low and high 
salt levels. Changes in ionic strength may affect the activity of the solutes and 
water, thus affecting stability constant values (Section 2.1) and such effects 
may be reflected in changes in the measured potentials.  
 
(ii)  Ion Association Effects.  
The effect of the ion-pairs NH4SO4
- and NaSO4
- on the speciation study of the 
copper(II)-NH3-SO4
2- system is already taken into account by calculating [NH3]f 
using the pKa value for sodium sulfate media determined previously (Table 6.2). 
This was discussed in detail in section 6.2 and demonstrated by equations 6.1 
to 6.4. Similarly, any effects due to the ion pairs NaCl and NaClO4, although not 
as significant as for the sulfate media (Table 2.2), are also taken into account by 
applying pKa values for the respective media studied (Table 6.2).   168
 
(iii)  Mixed complexes of copper(I). 
Earlier in this investigation (Chapter 6) it was found that the anions sulfate, 
chloride or perchlorate did not form complexes with copper(I)-ammonia species 
at an ionic strength of 3.0. Thus, any potential changes observed while 
monitoring the Cu(II)-Cu(I) couple are not due to copper(I)-ammonia speciation 
with the anions studied. 
 
(iV)  Mixed complexes of copper(II).  
The formation of mixed complexes/ion pairs copper(II)-NH3-SO4
2-, copper(II)-
NH3-Cl
- and copper(II)-NH3-ClO4
- would cause the equilibrium potential to 
become more negative. This is exemplified by the reduction potential of the 
copper(II)-copper(I) couple denoted by equations 4.9 (Section 4.2) and 8.1. 
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In which Cu(II)-N = Cu(NH3)4
2+ and  
Cu(I)-N = Cu(NH3)2
+ 
 
Assuming that at low salt concentrations the main species present are 
Cu(NH3)2
+ and Cu(NH3)4
2+, then E is given by equation 8.1. 
 
In the case for which the salt (X = SO4
2-, Cl
- or ClO4
-) under study results in the 
formation of the mixed complex Cu(NH3)4X and assuming that βCu(II)-N-X is 
greater than βCu(II)-N, the value of E would become more negative with 
increasing salt concentration as shown in equation 8.2.   169
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In which Cu(II)-N-X = Cu(NH3)4X  
 
The following sections will summarize attempts to resolve the effects of ionic 
strength and mixed complex formation on the observed potential changes. 
 
8.3.1  Stability Constants of Mixed Complexes 
In order to discuss the possible effects of ionic strength it is necessary to first 
estimate β values for the presumed copper(II)-NH3-anion mixed complexes/ion 
pairs. 
 
It is assumed that the experimental results summarised in Table 8.1 are 
indicative of the formation of mixed complexes by all three anions with 
Cu(NH3)4
2+. The shift of - 30 mV for an approximately 15-fold increase in 
concentration in chloride and perchlorate media and of - 40 mV for a 6-fold 
increase in concentration in sulfate media suggest a co-ordination number of 
about 1, assuming that ΔE1/2 is largely due to a decrease in E°Cu(II)/Cu(0) based on 
equation 8.3. 
 
  )] ( log[
2
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Based on the results from section 6.3.4, the main species present in the 
copper(I) solutions prior to oxidation would be Cu(NH3)2
+. As copper(I) is 
oxidised, the Cu(NH3)4
2+ species would form. 
 
Investigations in alkaline media require the consideration of the possible 
formation of hydroxo-species of copper(II)-ammonia. In solutions of pH > 10, 
the copper(II)-NH3 species exist in equilibrium with significant concentrations of 
hydroxo-complexes of copper(II)-NH3 (Breuer and Jeffrey 2003a; Fisher and 
Hall 1967; Reeves and Bragg 1962). Under the present experimental conditions 
of pH 9.3 to 9.6, the hydroxide concentration is 10,000-fold smaller than the 
concentration of ammonia (0.25 M). This is in agreement with the recent 
copper(II) speciation diagrams reported by Senanayake (2004), which showed 
that the concentrations of the hydroxo-species of copper(II)-ammonia are 
negligible in the pH range studied in the present investigation. 
 
Stability constants for the proposed species Cu(NH3)4SO4
0, Cu(NH3)4Cl
+ and 
Cu(NH3)4ClO4
+ were determined using the in-house program described in 
section 4.4. The calculations were based on the E1/2, E1/4, E1/3, E2/3 and E3/4 
values obtained at the high anion concentrations. At low anion concentrations, 
the mixed-ligand complexes would not be present in significant quantities to 
enable the accurate determination of their β values. Figures 8.4, 8.5 and 8.6 
show the results obtained with high concentrations of sulfate, chloride and 
perchlorate respectively. 
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Figure 8.4  Calculations to determine the speciation in the copper(II)-NH3 system in sulfate media at pH 9.6, I = 4.7, 25°C.   172 
 
Figure 8.5 Calculations to determine the speciation in the copper(II)-NH3 system in chloride media at pH 9.3, I = 4.7, 25°C.   173 
 
Figure 8.6  Calculations to determine the speciation in the copper(II)-NH3 system in perchlorate media at pH 9.5, 
 I = 4.7, 25°C.   174
 
Both Cu(NH3)2
+ and Cu(NH3)4
2+ complexes were incorporated in the speciation 
model. The values for [NH3]free were calculated using the pre-determined pKa 
(NH4
+) and βCu(I)-N values respective to each anionic medium (Chapter 6). The 
value for βCu(II)-N = 12.60 was obtained from the literature (Smith et al. 2004). 
The ion-pairs discussed in part (ii) of the previous section and the copper(II)-X 
species were not included in the speciation model due to their very small β 
values (Table 2.2 and Smith et al., 2004). Such small values would not 
significantly affect the final outcome of these calculations. 
 
The calculated liquid junction potential Ej(2,3) was significantly lower than the 
experimental error (Appendix D). Therefore the stability constant calculations 
excluded any corrections for junction potentials. 
 
The stability constants for the formation of Cu(NH3)4SO4
0, Cu(NH3)4Cl
+ and 
Cu(NH3)4ClO4
+ were calculated to be 15.7 ± 0.6, 15.3 ± 0.7 and 14.6 ± 0.4 
respectively at ionic strength of 4.7 and pH 9.5.   175
 
8.3.2  Ionic Strength Effects 
Calculations of activity coefficients based on Debye-Huckel or Davies formulae 
would be invalid (Section 2.1) in this study which involves solutions of high ionic 
strength (I = 4.7). The activity coefficient of ammonia (γNH3) in aqueous solution 
is influenced by the presence and concentration of salts, such as NH4Cl, KCl, 
NaNO3, KNO3, NH4NO3, (NH4)2SO4 and NaCl (Durst et al. 1966; Maeda 1997; 
Maeda et al. 1993; Maeda and Kato 1995; Maeda and Kinjo 1991; Maeda and 
Nakagawa 1983). The literature data for the different ionic media (Appendix K) 
relevant to this investigation is represented graphically in Figure 8.7. 
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Figure 8.7  Activity coefficient of ammonia in different salt media (Durst et 
al. 1966; Maeda 1997; Maeda and Nakagawa 1983). 
 
Increasing levels of sodium perchlorate, up to 6 M, do not influence the activity 
coefficient of ammonia. This rules out the effect of the activity of ammonia and 
thus ionic strength effects on the measured potential indicating that the 
observed ΔE1/2 values in perchlorate media (Table 8.1) are due to the formation 
of Cu(NH3)4ClO4
+.   176
 
On the other hand, increasing sodium chloride and ammonium sulfate levels 
increase the activity coefficient of ammonia with the effect being more 
pronounced in the latter case. The extent of this effect on the observed potential 
differences (Table 8.1) can be assessed by calculating Ecell, according to 
equation 8.2, while taking into account activity coefficients (extracted from 
Figure 8.7) by applying equation 8.4.  
 
  [] 3 3} { NH NH ⋅ = γ         ( 8 . 4 )  
In which γ = activity coefficient  
 
The results are summarised in Table 8.3. These Ecell calculations are only 
approximate, since their purpose is to compare the effect of ammonia activity 
coefficients on the measured potential at differing ionic strengths. Calculations 
for perchlorate media were also included for comparative purposes.  
 
The free ammonia concentrations, [NH3]f, were approximated from the results 
based on the in-house program (Figures 8.4 and 8.5, Section 8.3.1). Since the 
free (uncomplexed) concentration of the anion (SO4
2-, Cl
- or ClO4
-) does not 
change significantly throughout an experiment (relative to the changes in 
[NH3]f), the correction for anion activity was not applied to the calculations. The 
activity coefficients were estimated from Figure 8.7.   177
 
Table 8.2  Log β values used in the calculations, “Calc 1, 2 and 3” of Table 
8.3. 
Log β  Media 
Cu(NH3)2
+  a Cu(NH3)4
2+  
b 
Cl
-  
ClO4
-  
SO4
2-  
10.57 
10.26 
10.36 
13.6 
13.6 
13.6 
     
a  from Table 6.5. 
     
b  β value at I = 4.7, estimated from literature data (Smith et al. 2004). 
 
 
Table 8.3  Calculated Ecell values for the copper(II)-NH3-Cl
-, copper(II)-NH3-
SO4
2- and copper(II)-NH3-ClO4
- systems at pH 9.5 and 25°C. 
Ecell  (mV)   
Media 
 
 
γNH3 
 
[NH3]f 
(M) 
Observed Calc  1 
no MC 
γ ≠ 1 
Calc 2 
MC & 
γ ≠ 1 
Calc 3 
MC & 
γ = 1 
4.63 M NaCl 
 
1.506  0.102  - 130  - 14  - 152  - 131 
1.57 M Na2SO4 1.241 
1.4  * 
0.160 
0.160 
 
- 160 
- 160 
- 39 
- 46 
- 173 
- 179 
- 162 
- 162 
4.75 M NaClO4 1.03  0.15 
 
- 130  - 33  - 131  - 129 
  γ = Activity coefficients extracted from Figure 8.7. 
  MC = Mixed-ligand complexes of copper(II)-NH3–anion. 
  Calc 1 = Calculations include γ and exclude MC. Equations 8.2 and 2.4 
  Calc 2 = Calculations include both γ and MC. Equations 8.3 and 2.4 
  Calc 3 = Calculations exclude γ and include MC. Equation 8.3 only 
  *   Predicted value for Na2SO4 media projected from (NH4)2SO4 literature data. 
 
 
The Ecell calculations use the stability constant values for the complexes 
Cu(NH3)2
+ and Cu(NH3)4
2+ shown in Table 8.2. The log β value for the latter was 
estimated at I = 4.7 from literature data (Smith et al. 2004) by plotting log β vs. I 
(Appendix L). This estimated β value has some degree of uncertainty because   178
of the different medium used in the literature value. The β values used for the 
Cu(NH3)2
+ complex were extracted from Table 6.5, since there was no literature 
data available for I = 4.7. 
 
It is clear from Table 8.3 that the Ecell calculations for all three media which 
exclude the presence of mixed-ligand complexes of copper(II)-NH3-anion (MC) 
produced small negative values of Ecell, which are substantially different from 
the observed values. This further supports the existence of mixed complexes. 
The inclusion of activity coefficients for ammonia in the calculation together with 
mixed complexes produced a reduction in potential of approximately 10 to 20 
mV in sulfate and chloride media (comparing “Calc 2” and “Calc 3”). 
 
Overall, the effect of ionic strength for sulfate and chloride media and thus the 
effect of the activity of ammonia on the calculated potential is not strong enough 
to attribute it entirely to the observed potential changes of - 30 and - 40 mV 
(Table 8.1). In the case of perchlorate media, the observed potential change of - 
30 mV can be attributed entirely to the binding of perchlorate to copper(II)-NH3.   179
 
8.4  Summary and Further Discussion 
There is evidence from the literature (Section 2.10) of the existence of 
copper(II)-NH3-NOx (x = 2 or 3) and copper(II)-NH3-S2O3
2- species in aqueous 
solutions. The results from the present investigation strongly indicate the 
existence of relatively stable species Cu(NH3)4SO4
0, Cu(NH3)4Cl
+ and 
Cu(NH3)4ClO4
+ in solutions containing copper, ammonia and either sodium- 
sulfate, chloride or perchlorate at pH 9.5. Since the elucidation of the nature of 
the bonding in these species falls beyond the scope of the present investigation 
some suggestions can be made based on a comparison of similar stability data 
from literature and from the present investigation (Table 8.4). 
Table 8.4  Stability constants for copper(I) and copper(II) species in 
various media at 25°C. 
Log β  Species I 
  NO3
-   SO4
2-   Cl
-   ClO4
-  
Cu(NH3)2
+   3.0  N/A  10.4 
a 
10.6 
b 
10.6 
a  10.3 
a 
Cu(NH3)4
2+ 
 
 
1.0 
2.0 
3.0 
12.6 
c 
13.1 
c 
N/A 
12.6 
d 
N/A 
13.2 
b 
N/A 
N/A 
N/A 
12.1 
e 
12.5 
f 
N/A 
Cu(NH3)4-X  
a 4.7 N/A  15.7 15.3 14.6 
Cu(H2O)n
2+-X  
d 0 
4.0 
0.5 
0.11 
2.4 
0.78 
0.3 
0.14 
N/A 
N/A 
  X = NO3
-, SO4
2-, Cl
- or ClO4
-. 
  N/A = not available. 
    
a  Data obtained from the present investigation. 
    
b  Stupko et al.(1998) 
    
c  Sillen and Martell (1964) 
    
d  Smith et al.(2004) 
    
e  Hogfeldt (1982) 
    
f  Nagypal (1984) 
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The similarity of the log β values obtained for the Cu(NH3)2
+ complex in three 
different anionic media (Table 8.4) reflects the lack of mixed complex formation 
(or ion association) of the anions with copper(I)-NH3 as already discussed in 
section 6.3. On the other hand, the log β values obtained for the Cu(NH3)4-X 
complexes vary by up to one order of magnitude at constant ionic strength and 
pH. 
 
The reported log β values at a fixed ionic strength for the Cu(NH3)4
2+ complex 
follow the order NO3
- ~ SO4
2- > ClO4
- (Table 8.4) indicating association of 
Cu(NH3)4
2+ with SO4
2- and NO3
-. The log β values also seem to increase with 
increasing ionic strength and this trend was observed for other metal species by 
other workers (Martell and Motekaitis 1992). Such a trend may be simply 
attributed to the decrease in water activity as the ionic strength increases (Beck 
1970; Beck and Nagypal 1990).  
 
The stability order of the mixed-ligand complexes of copper(II) with the anions 
studied is SO4
2- > Cl
- > ClO4
-. The same trend is observed for the stability of the 
Cu(H2O)n
2+-X species in the absence of ammonia (SO4
2- > Cl
-, Table 8.4). 
These results are in accord with the kinetic observations of Van Wensveen (In 
preparation), section 2.10. 
 
The log β values for the formation of Cu(NH3)4-X mixed complexes are 2 to 3 
orders of magnitude higher than that for the Cu(NH3)4
2+ complex. Such a 
difference is comparable to the stability constants for the formation of   181
Cu(H2O)n
2+-X ion-pairs, in the absence of ammonia. This may indicate that the 
anionic ligands are in the outer-sphere of the Cu(NH3)4
2+ complex.  
 
Based on the present findings, the concentration of the Cu(NH3)4SO4
0 and 
Cu(NH3)4Cl
+ ion-pairs would increase with increasing anion concentration.  
The UV/Vis spectrophotometry results summarized in section 8.1, in which it 
was found that the Cu(NH3)4SO4
0 and Cu(NH3)4Cl
+ species have the same λmax 
as the Cu(NH3)4
2+ complex further suggest that the anions are in the outer-
sphere. Therefore, it is appropriate to refer to the species Cu(NH3)4SO4
0, 
Cu(NH3)4Cl
+ and Cu(NH3)4ClO4
+  as “ion-pairs” rather than complexes. 
   182
9  SPECIATION AND CELL POTENTIAL DIAGRAMS 
In this chapter speciation and cell potential diagrams (2-Dimensional and in 
some cases 3- Dimensional) for both mono-ligand and bi-ligand systems were 
constructed using the stability constants determined in chapters 6, 7 and 8. 
 
Species distribution diagrams can serve as powerful visualization tools for the 
rapid and accurate assessment of the species present and their concentration 
as a function of a certain variable such as pH, metal ion or ligand concentration. 
The accurate construction of a species distribution diagram depends directly on 
the quality of all of the relevant stability constants.  
 
3-dimensional plots are particularly useful for the visualization of the species 
present and their concentration as a function of two variables such as the 
concentrations of one ligand and one metal ion, or concentrations of two 
ligands. Trends in the species distribution not easily discernable from 2-
dimensional plots may be easily visualised using 3-dimensional plots. 
 
The 2-dimensional species distribution diagrams were constructed using either 
of two methods described below. 
Method A makes use of Excel in which the % fraction of each species is 
calculated from experimentally determined data using equation 9.1, which is 
based on equations 2.1 to 2.3. This method was applied when experimental 
data was available for the range of reagent levels and other parameters of 
interest.   183
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Method B makes use of the Outokumpu HSC Chemistry for Windows (Roine 
2002) software in which the species distribution is calculated using a free 
energy minimization procedure. This method facilitated the construction of 
speciation diagrams covering a range of experimental conditions some of which 
were not practically achievable in the laboratory. The relevant stability constants 
obtained in this study were incorporated into the HSC database. 
 
The speciation plots were based on the experimentally determined data and 
display the changes in species levels as a function of the ligand concentrations. 
The 3-dimensional potential plots were derived from calculated ECell values and 
free ligand concentrations using Excel programs as described in section 4.4. 
The plots displayed the ECell values as a function of the ligand concentrations. 
 
The 3-dimensional plots were constructed from the Excel output using 
SigmaPlot 8.0 software.   184
 
9.1 Copper(I)-Ammonia  System 
The study of the copper(I)-ammonia system has led to the production of species 
distribution diagrams, such as that in Figure 9.1 for the copper(I)-ammonia 
system in sulfate media and in the absence of thiosulfate. Similar species 
distribution would be obtained in chloride and perchlorate media since the 
stability constants are similar in the three different media (Table 6.5). 
 
-0.10
0.00
0.10
0.20
0.30
0.40
0.50
0.60
0.70
0.80
0.90
1.00
0.95 1.35 1.75 2.15 2.55 2.95
[NH3]Total (M)
F
r
a
c
t
i
o
n
 
o
f
 
T
o
t
a
l
.Cu(NH3)3+
.Cu(NH3)2+
.Cu(NH3)+
 
Figure 9.1  Effect of total ammonia on the distribution of copper(I)-NH3 
species in sulfate media at pH = 10, [Cu(I)] = 0.03 M. 
 
From this study it is important to note that the copper(I)-triammine complex can 
be detected at total ammonia concentrations greater than 1.0 M. This species 
has not appeared in any published species distribution diagrams or Eh-pH 
diagrams in the presence of up to 0.2 M thiosulfate. From Figure 9.1, it can be 
ascertained that in 1 M ammonia the Cu(NH3)3
+ complex may be present at 
relatively insignificant levels (< 10 %) with the main species being the Cu(NH3)2
+ 
complex. However, at higher ammonia concentrations of 2 M or greater the   185
presence of the Cu(NH3)3
+ complex may become increasingly significant and it 
should be taken into account. Thus, it is important to include the copper(I)-
triammine species in solutions, such as those produced in copper leaching that 
involve the use of concentrated ammonia in the presence of copper(II).   186
 
9.2 Copper(I)-Thiosulfate  System 
The speciation diagrams for the copper(I)-thiosulfate system (Figures 9.2 to 9.4) 
are drawn for the concentrations of ligands typically suggested for the 
thiosulfate leaching of gold. 
 
Figures 9.2 and 9.3 summarize the species distribution as a function of the 
thiosulfate concentration while the copper(I) concentration was maintained at 
0.001 or 0.01 M respectively. From these diagrams, certain trends in distribution 
can be identified (Table 9.1). 
Table 9.1  Summary of trends observed from Figures 9.2 and 9.3. 
Predominant Species at [S2O3
2-] (M)  From 
Figure 
[Cu(I)] 
(M)  All Three Species  [Cu(S2O3)2
3-] = [Cu(S2O3)3
5-] Cu(S2O3)3
5- Mainly 
   9.2  0.001  < 5 x10
-3 0.01  >  0.01 
   9.3  0.01  < 0.01  0.02  > 0.03 
 
 
At a relatively low copper(I) concentration of 0.001 M (Figure 9.2), all three 
copper(I)-thiosulfate complexes are present in significant levels when the 
thiosulfate concentration is less than 5 x10
-3 M. At thiosulfate concentrations of 
0.01 M, the [Cu(S2O3)2
3-]/[Cu(S2O3)3
5-] ratio is approximately 1. The Cu(S2O3)3
5- 
complex is the main species at thiosulfate concentrations greater than 0.01 M. 
   187
At a higher copper(I) concentration of 0.01 M (Figure 9.3), all three copper(I)-
thiosulfate complexes are present in significant levels when the thiosulfate 
concentration is less than 0.01 M. At thiosulfate concentrations of 0.02 M, the 
[Cu(S2O3)2
3-]/[Cu(S2O3)3
5-] ratio is approximately 1. The Cu(S2O3)3
5- complex is 
the main species at thiosulfate concentrations greater than 0.03 M. 
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Figure 9.2  Effect of total thiosulfate concentration on the fraction total 
distribution of copper(I)-thiosulfate species for 0.001 M Cu(I) at pH 10, I = 
3.0 (Na2SO4) and 25 °C. 
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Figure 9.3  Effect of total thiosulfate concentration on the fraction total 
distribution of copper(I)-thiosulfate species for 0.01 M Cu(I) at pH 10, I = 
3.0 (Na2SO4) and 25 °C. 
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Figure 9.4  Effect of total copper(I) concentration on the fraction total 
distribution of copper(I)-thiosulfate species for 0.1 M S2O3
2- at pH 10, I = 
3.0 (Na2SO4) and 25 °C. 
 
Figure 9.4 shows the species distribution at a fixed thiosulfate concentration of 
0.1 M as a function of the total copper(I) concentration. As the copper 
concentration increases from 0.001 to 0.1 M, the most predominant species 
follows the order Cu(S2O3)3
5-, Cu(S2O3)2
3- and finally Cu(S2O3)
-. This is in 
accordance with the decreasing ratio [S2O3
2-]/[Cu(I)] as the copper 
concentration increases. The proportion of the Cu(S2O3)2
3- complex peaks at 
approximately 50 % when the [S2O3
2-]/[Cu(I)] ratio is 2, i.e. [Cu(I)] = 0.05 M. The 
CuS2O3
- complex only begins to form in significant proportions at copper 
concentrations greater than 0.05 M ([S2O3
2-]/[Cu(I)] ratio = 2). 
 
Figures 9.2 to 9.4 highlight that the predominant copper(I)-S2O3
2- species is 
dependent on both the copper(I) concentration and the [S2O3
2-]/[Cu(I)] ratio, 
thus explaining why other researchers (Section 2.7) could only detect a limited 
number of copper(I)-S2O3
2- species.    189
9.3 Copper(I)-Ammonia-Thiosulfate System in Sulfate Media 
9.3.1 Species  Distribution Diagrams  
The speciation diagrams for this complex system cover a broad range of ligand 
concentrations. 
 
Figure 9.5 illustrates the species distribution as a function of the thiosulfate 
concentration while the ammonia concentration was fixed at values of 4.0, 2.0, 
1.0 and 0.4 M. From the speciation diagrams certain trends can be identified in 
relation to the species present at various concentrations of ammonia and 
thiosulfate. These are summarised in Table 9.2. 
 
Table 9.2  Summary of trends in the copper(I)-ammonia-thiosulfate system 
in sulfate media at pH 10. 
% Change as [S2O3
2-] increases 
[NH3], (M) 
 
Species 
4.0 2.0 1.0  0.40 
Cu(NH3)(S2O3)2
3-  0 → 60  0 → 60  0 → 55m → 40  0 → 40m → 25 
Cu(NH3)(S2O3)
-  0 → 60m → 30  0 → 70m → 25  0 → 75m → < 10  0 → 85m → <10 
Cu(S2O3)3
5-  0 → 10  0 → 15  0 → 55  0 → 70 
Cu(NH3)2
+  60 → 0  75 → 0  85 → 0  95 → 0 
Cu(NH3)3
+  40 → 0  25 → 0  15 → 0  < 10 
  m = maximum. 
  Generally, the Cu(S2O3)2
3- complex (if present) was < 10 %. 
  Data from Figure 9.5. 
 
As the thiosulfate concentration increases the proportion of both complexes 
Cu(NH3)(S2O3)
- and Cu(NH3)(S2O3)2
3- increases and reaches a maximum at 
thiosulfate concentrations of approximately 0.04 M and 0.15 - 0.2 M respectively 
(Figure 9.5). The maximum proportion for the former complex increases and for 
the latter decreases as the ammonia concentration decreases from 4.0 M to 0.4 
M (Table 9.2 and Figure 9.5). As the thiosulfate concentration increases and the   190
ammonia concentration decreases the proportion of Cu(S2O3)3
5- increases and 
it becomes the most predominant species at a [NH3]T/[S2O3
2-] ratio between 0 
and 2.5. As the ammonia concentration decreases, the proportion of Cu(NH3)2
+ 
increases and that of Cu(NH3)3
+ decreases. These trends substantiate the 
preliminary observations made in section 7.1.3 on speciation relative to the 
[NH3]T/[S2O3
2-] ratio.   191
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      [NH3]T = 1.0 M 
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Figure 9.5  Effect of total thiosulfate and ammonia concentrations on the 
species distribution for the copper(I)-NH3-S2O3
2- system in sulfate media at 
pH 10, I = 3.0 and 25°C, [Cu(I)] = 0.03 M. 2N = Cu(NH3)2
+, 3N = Cu(NH3)3
+, 3S 
= Cu(S2O3)3
5-, 1N1S = Cu(NH3)(S2O3)
-, 1N2S = Cu(NH3)(S2O3)2
3-.   192
 
Figure 9.6 summarizes the species distribution as a function of the ammonia 
concentration while the thiosulfate concentration was fixed at values of 0.03, 
0.063, 0.10 and 0.18 M. 
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Figure 9.6  Effect of total ammonia and thiosulfate concentrations on the 
species distribution for the copper(I)-NH3-S2O3
2- system at pH 10, I = 3.0 
(Na2SO4) and 25°C, [Cu(I)] = 0.03 M. 2N = Cu(NH3)2
+, 3N = Cu(NH3)3
+, 3S = 
Cu(S2O3)3
5-, 1N1S = Cu(NH3)(S2O3)
-, 1N2S = Cu(NH3)(S2O3)2
3-.   193
Table 9.3 summarizes some of the more important trends observable from the 
data in Figure 9.6. As the ammonia concentration increases, the fraction of 
Cu(NH3)(S2O3)
- decreases and that of Cu(NH3)(S2O3)2
3- increases with 
increasing thiosulfate concentration. Significant proportions of Cu(S2O3)3
5- are 
present in solutions of 0.1 M S2O3
2- containing low concentrations of ammonia. 
Small fractions of the complexes Cu(NH3)2
+ and Cu(NH3)3
+ are present at 
thiosulfate concentrations below 0.063 M in the presence of high ammonia 
concentrations. 
 
Table 9.3  Summary of trends in sulfate media at fixed thiosulfate 
concentrations at pH 10. 
% Change as [NH3]T increases 
[S2O3
2-], (M) 
 
Species 
0.03 0.063 0.10  0.18 
Cu(NH3)(S2O3)2
3- <  10  25 → 30  40 → 50  40 → 65 
Cu(NH3)(S2O3)
-  80 → 45  65 → 50  40  20 → 25 
Cu(S2O3)3
5-  < 10  < 10  20 → 0  40 → < 10 
Cu(NH3)2
+  20 → 25  0 → 10  < 10  < 10 
Cu(NH3)3
+  0 → 25  0 → 10  < 10  < 10 
  Generally, the proportion of Cu(S2O3)2
3- complex (if present) was < 10 %. 
  Data from Figure 9.6. 
 
 
Previously published species distribution diagrams (Aylmore and Muir 2001a) 
portray the Cu(S2O3)3
5- complex as generally being one of the predominant 
species. The newly created species distribution diagrams (Figure 9.5) show that 
the mixed-ligand complexes predominate at relatively low concentrations of 
thiosulfate (up to 0.4 M). As the thiosulfate concentration increases the 
Cu(S2O3)3
5- complex becomes more predominant. 
   194
 
9.3.2 3-Dimensional Speciation Plots 
The 2-dimensional diagrams presented above can be further extended to 3-
domensions in which the fraction of each species can be shown as a function of 
two parameters. Figure 9.7 shows a 3-dimensional plot for one of the newly 
identified mixed-ligand complexes, Cu(NH3)(S2O3)2
3-.  
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Figure 9.7  3-Dimensional plot of the fraction of Cu(NH3)(S2O3)2
3- as a 
function of total thiosulfate and ammonia concentrations at pH 10, I = 3.0 
(Na2SO4) and 25°C, [Cu(I)] = 0.03 M. 
 
Generally, at any given ammonia concentration, the fraction of this species 
increases with increasing thiosulfate concentration. At higher thiosulfate 
concentrations the fraction of this species increases and reaches a plateau at 
0.65. This subtle trend is not obvious from the study of the 2-dimensional plots.   195
 
Figure 9.8 shows a 3-dimensional plot for the second newly identified mixed-
ligand complex, Cu(NH3)(S2O3)
-. As the thiosulfate concentration increases at 
any given ammonia concentration, the fraction of this species initially increases, 
peaks at 0.85, when [S2O3
2-] ~ 0.04 and [NH3] = 0.5 M, and then decreases. 
The peak fraction increases as the concentration of ammonia decreases. 
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Figure 9.8  3-Dimensional plot of the fraction of Cu(NH3)(S2O3)
- for various 
concentrations of total ammonia and thiosulfate at pH 10, I = 3.0 (Na2SO4) 
and 25°C, [Cu(I)] = 0.03 M.   196
 
The highest fraction (0.3) of the complex Cu(S2O3)3
5- (Figure 9.9) occurs at low 
ammonia and high thiosulfate concentrations. As could be predicted, it 
increases with increasing thiosulfate and decreasing ammonia concentrations. 
 
The fraction of the Cu(NH3)2
+ species (Figure 9.10) is close to 1.0 at low 
ammonia and low thiosulfate concentrations. It increases with decreasing 
thiosulfate and decreasing ammonia concentrations. On the other hand, the 
fraction of the complex Cu(NH3)3
+ reaches a maximum (Figure 9.11) at high 
ammonia and low thiosulfate concentrations. It increases with decreasing 
thiosulfate and increasing ammonia concentrations. 
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Figure 9.9  3-Dimensional plot of the fraction of Cu(S2O3)3
5- as a function 
of total ammonia and thiosulfate concentrations at pH 10, I = 3.0 (Na2SO4) 
and 25°C, [Cu(I)] = 0.03 M. 
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Figure 9.10  3-Dimensional plot of the fraction of Cu(NH3)2
+ at various total 
ammonia and thiosulfate concentrations at pH 10, I = 3.0 (Na2SO4) and 
25°C, [Cu(I)] = 0.03 M. 
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Figure 9.11  3-Dimensional plot of the fraction of Cu(NH3)3
+ as a function 
of total ammonia and thiosulfate concentrations at pH 10, I = 3.0 (Na2SO4) 
and 25°C, [Cu(I)] = 0.03 M.   198
 
9.4 Copper(I)-Ammonia-Thiosulfate System in Chloride Media 
Both the 2-dimensional and 3-dimensional species distributions obtained for the 
copper(I)-NH3-S2O3
2- system in chloride media (Appendix M) are qualitatively 
comparable with those obtained in sulfate media (Section 9.3). As 
demonstrated in Table 9.4, the only difference relates to the actual magnitude of 
the fractions of each species, which is a reflection of the slight difference in 
stability constants used in the calculations. For instance, the maximum fractions 
for Cu(NH3)(S2O3)2
3- and Cu(NH3)(S2O3)
- in 2.0 M ammonia are 60 and 70 % 
respectively in sulfate media but are lower (55 and 50% respectively) in chloride 
media because the stability constants are higher in sulfate media (Table 7.4). 
 
Table 9.4  Summary of trends for species distribution in chloride media at 
pH 9.5. 
Change in % distribution as [S2O3
2-] increases 
[NH3], (M) 
 
Species 
4.0 2.0  1.0 0.40 
Cu(NH3)(S2O3)
3-  0 → 60  0 → 55  0 → 45  0 → 35m → 30 
Cu(NH3)(S2O3)
-  0 → 40m → 20  0 → 50m → 20  0 → 60m → 20  0 → 70m → 10 
Cu(S2O3)3
5-  0 → 10  0 → 20  0 → 35  0 → 55 
Cu(NH3)2
+  70 → 0  80 → 0  90 → 0  100 → 0 
Cu(NH3)3
+  30 → 0  20 → 0  10 → 0  < 10 
  m = maximum. 
  Generally, the Cu(S2O3)2
3- complex (if present) was < 10 %. 
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9.5 3-Dimensional  Plots  of the Cell Potential 
Three-dimensional diagrams of the cell potential (ECell) were constructed for the 
copper-ammonia-thiosulfate system in sulfate media, at a fixed copper 
concentration (0.03 M) and 25°C. ECell is the potential measured in solution 
against a silver/silver chloride reference electrode. 
 
Figures 9.12 and 9.13 show various perspectives of the Cu(I)-Cu(0) and Cu(II)-
Cu(I) potentials respectively as a function of the concentrations of total 
ammonia and thiosulfate. The Cu(I)-Cu(0) potentials were calculated based on 
the species Cu(NH3)2
+, Cu(NH3)3
+, Cu(NH3)(S2O3)2
3-, Cu(NH3)(S2O3)
-, 
Cu(S2O3)3
5- and Cu(S2O3)2
3-.  
The Cu(II)-Cu(I) potentials were calculated at [Cu(II)] = [Cu(I)], and they were 
based on the species Cu(NH3)4
2+, Cu(NH3)4SO4
0, Cu(NH3)2
+, Cu(NH3)3
+, 
Cu(NH3)(S2O3)2
3-, Cu(NH3)(S2O3)
-, Cu(S2O3)3
5- and Cu(S2O3)2
3-. The mixed 
complex Cu(NH3)4S2O3
0 reported by Van Wensveen (In preparation) was 
omitted because it is relatively weak (log β = 1.12) and it would not significantly 
affect the calculated potentials. 
 
The general trend observed in Figure 9.12 (various perspectives of a 3-D plot) 
is that the Cu(I)-Cu(0)  potential decreases with increasing ammonia and 
thiosulfate concentrations. Thiosulfate causes more pronounced effects than 
ammonia and this is understandable given that copper(I)-thiosulfate complexes 
are more stable than copper(I)-ammonia complexes (Tables 2.9 and 2.5). At 
low ammonia and thiosulfate levels, the potential increases more steeply. This   200
is expected since the standard potential for the Cu(I)-Cu(0) couple in the 
absence of ligands and salts is 0.521 V (SHE) (Lide 2000). 
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Figure 9.12  Various perspectives of a 3-Dimensional plot of the Cu(I)-
Cu(0) potentials versus total ammonia and thiosulfate concentrations for 
the copper-ammonia-thiosulfate system in sulfate media and at 25°C. [Cu] 
= 0.03 M. 
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Figure 9.13  3-Dimensional plot of the Cu(II)-Cu(I) potentials for the 
copper-ammonia-thiosulfate system in sulfate media versus total 
ammonia and thiosulfate concentrations at 25°C. [Cu] = 0.03 M. The insets 
show alternative perspectives of the plot. 
 
The 3-D plot for the Cu(II)-Cu(I) potentials (Figure 9.13, showing various 
perspectives of a 3-D plot) shows that as the thiosulfate concentration 
increases, the potential decreases sharply and reaches a plateau. However, the 
potential increases with increasing ammonia concentration and this trend is 
more pronounced at high thiosulfate concentrations, due to the high stability of 
the copper(I)-S2O3
2- complexes.   202
 
9.6  Discussion and Practical Applications 
In general, the 2- and 3-dimensional diagrams demonstrated how the 
concentration of copper(I) or copper(II) species depend on both the thiosulfate 
and ammonia concentrations. 
 
In an actual leaching process, the Cu(II)-Cu(I) potentials can be monitored by 
using a platinum electrode/reference electrode combination (ORP probe). In 
practice, the ammonia levels tend to remain relatively constant but the 
thiosulfate levels can change significantly due to the reaction of copper(II) with 
thiosulfate. From the measured potentials and armed with the 3-D potential 
diagrams one can estimate and possibly control the thiosulfate concentration 
present in the system. 
 
The application of these 3-D potential diagrams in combination with the 2-D and 
3-D speciation diagrams could assist in semi-quantitative determination of 
ligand concentrations and predominant copper species. For example, if the 
potential measured using a platinum wire electrode is - 50 mV at an ammonia 
concentration of 0.4 M, the thiosulfate concentration can be estimated from 
Figure 9.13 to be 0.10 M. The main copper(I) species (Figure 9.5) would be 
approximately equal concentrations of Cu(NH3)(S2O3)
- and Cu(NH3)(S2O3)2
3- 
and relatively lower levels of Cu(S2O3)3
5-. The main copper(II) species would be 
Cu(NH3)4(SO4)
0 and Cu(NH3)4
2+ according to the results established in Chapter 
8. 
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As a second example, during research into the behaviour of solutions in the 
absence of copper(II) the measured potential of a copper electrode is - 400 mV 
at an ammonia concentration of 1 M. From Figure 9.12 one can determine the 
thiosulfate concentration to be approximately 0.04 M. At these concentrations of 
ammonia and thiosulfate the main copper(I) species (Figure 9.5) would be 
Cu(NH3)(S2O3)
-, with approximately 10% each of Cu(NH3)2
+ and 
Cu(NH3)(S2O3)2
3-. 
 
During the cementation of gold on copper (represented by equation 9.2) the 
Cu(I)-Cu(0) potential may be measured using a copper wire electrode. Although 
this potential is a mixed potential, the predominant copper species may be 
semi-quantitatively determined using the measured potential values and the 3-D 
potential diagrams in combination with the 2-D and 3-D speciation diagrams. 
This could clarify some uncertainties regarding the cementation chemistry and 
reaction mechanism (Choo and Jeffrey 2004; Guerra and Dreisinger 1999; 
Hiskey and Lee 2003). 
Cu(0)  +  Au(I)   '   Cu(I)  +  Au(0)      9.2 
 
Breuer and Jeffrey and Van Wensveen (2003a; In preparation) found that the 
rate of copper(II) reduction by thiosulfate in a solution containing ammonia is 
significantly reduced by the presence of anions such as sulfate, chloride and 
phosphate. Breuer and Jeffrey’s (2003a) UV/Visible spectrophotometric 
analysis of test solutions (Figure 9.14) showed that the initial concentration of 
Cu(NH3)4
2+ was higher when thiosulfate was added to a solution of copper(II),   204
ammonia and sulfate than when a solution of copper(II) and ammonia was 
added to a solution of thiosulfate and sulfate.  
 
 
Figure 9.14  Dependence of the initial copper(II) reduction rate on the 
sequence of mixing. 0.1 M Na2S2O3, 0.4 M NH3, 0.8 M Na2SO4, 10 mM 
CuSO4, 30°C. Extracted from Breuer and Jeffrey (2003a). 
 
As proposed if the reaction between copper(II) and thiosulfate in ammoniacal 
solutions takes place via mixed complexes of the type Cu(II)(NH3)n(S2O3)m 
(Byerley et al. 1973a; Byerley et al. 1975), the formation of Cu(NH3)4-SO4
2- 
(Section 8.4) could decrease the rate of reaction between copper(II) and 
thiosulfate. This could increase the concentration of residual copper(II) available 
as an oxidant for the leaching of gold. However, if Cu(II)(NH3)n(S2O3)m also acts 
as an oxidant for gold, the addition of sulfate would decrease the rate of gold 
oxidation by copper(II). This has been observed by Breuer and Jeffrey (2003a). 
Therefore, the confirmation of ion pairs of the type Cu(NH3)4-X from the present 
study is useful for the rationalisation of the kinetic data reported by these 
authors. The general implications from the present study of the copper(II)-NH3 
system in combination with the findings from Breuer and Jeffrey; Van 
Wensveen (2003a; In preparation) is that high concentrations of dissolved   205
solids should minimise the reduction of copper(II) to copper(I) in the presence of 
thiosulfate. 
The claims that adding sulfate ions will minimise the oxidation of thiosulfate (Hu 
and Gong 1991; Kerley 1981; Kerley 1983) are also validated by the findings of 
this investigation. 
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10 CONCLUSIONS 
This study has made significant contributions to the understanding of the 
speciation of both copper(I) and copper(II) and the related thermodynamics 
involved in the gold leaching process that uses thiosulfate as lixiviant in 
combination with copper and ammonia. 
 
In order to tackle the more difficult problem of speciation in the copper(I)-NH3-
S2O3
2--SO4
2- and the copper(I)-NH3-S2O3
2--Cl
- mixed ligand systems, it was 
necessary to first study the speciation in the copper(I)-NH3, copper(I)-NH3-SO4
2-
, copper(I)-NH3-Cl
- and copper(I)-S2O3
2- systems under the controlled 
experimental conditions of constant ionic strength (I = 3.0), pH (9.5 or 10) and 
temperature (25 °C). This work provided a solid foundation for the study of more 
complex speciation and it has resulted in some advances in our understanding. 
 
The work has highlighted the effect of the formation of ion-pairs on the 
determination of pKa (NH4
+) values in sodium sulfate and sodium thiosulfate 
media. This effect can be used to explain the differences observed by some 
workers who have reported pKa values in various media.  
The importance of using the correct pKa (NH4
+) values was demonstrated in the 
case in which a difference of 0.4 in the pKa value for two solutions, differing in 
electrolyte composition but of the same ionic strength, significantly affects the 
final free ammonia concentration of the mixed solution even though the final 
solution may have the same pH as the two original solutions. The value of pKa 
chosen has an effect on the calculated concentrations of free ammonia and free   207
thiosulfate, which in turn affects the composition of the relatively weak copper-
ligand complexes. 
 
The predominant species determined in the copper(I)-ammonia system at pH 
9.5 or 10 were found to be Cu(NH3)2
+ and Cu(NH3)3
+ and their stability 
constants in different anionic media are similar. The Cu(NH3)3
+ complex has 
seldom been mentioned in the literature and it has not appeared in any 
published species distribution diagrams or Eh-pH diagrams. The copper(I)-
monoammine complex was not present in significant concentrations and thus its 
stability constant could not be determined under the conditions studied.  
 
No mixed ammonia-chloride nor ammonia-sulfate complexes of copper(I) were 
detectable under the experimental conditions studied. This led to the conclusion 
that neither chloride or sulfate were involved in the complexation of copper(I) 
with ammonia. 
 
An extensive study of the copper(I)-thiosulfate system led to the determination 
of stability constants for all three complexes Cu(S2O3)
-, Cu(S2O3)2
3- and 
Cu(S2O3)3
5-. The stability constant values remained constant with varying 
copper(I) concentrations indicating that the species involved are mononuclear. 
 
The study of the copper(I)-ammonia-thiosulfate system in sulfate and in chloride 
media led to the identification of two mixed-ligand complexes, Cu(NH3)(S2O3)
- 
and Cu(NH3)(S2O3)2
3-, which have not been reported previously. It was 
determined that under experimental conditions similar to the leaching process,   208
neither sulfate or chloride are involved in the formation of complexes in the 
copper(I)-NH3-S2O3
2- system. However, the calculated stability constants are 
slightly higher in sulfate media due to ion-association effects which are 
negligible in chloride media. The association of Na
+ and NH4
+ with these mixed-
ligand complex anions have not been considered in the present investigation. 
 
Four methods were explored for the prediction of stability constants for mixed-
ligand complexes of copper(I) in the copper(I)-ammonia-thiosulfate system, 
based solely on thermodynamic data from the literature. Only one method gave 
a predicted β value for the Cu(NH3)(S2O3)
- complex which was comparable with 
the β value obtained experimentally. This method is based on linear free energy 
relationships of the parent complexes copper(I)-NH3 and copper(I)-S2O3
2- 
versus the equivalent Ag(I) complexes. The predicted β value fell even closer to 
the observed one when the method used thermodynamic data obtained from 
the present investigation. This method relies on the availability of β values for 
the Ag(NH3)(S2O3)
- and Ag(NH3)(S2O3)2
3- complexes for which only the former 
has been reported. 
 
The results from the investigation of the copper(II)-ammonia system in various 
anionic media indicated the existence of the relatively stable species; 
Cu(NH3)4SO4
0, Cu(NH3)4Cl
+ and Cu(NH3)4ClO4
+ in solutions containing 
copper(II), ammonia and either sodium- sulfate, chloride or perchlorate at pH 
9.5. These findings are complementary to recently reported work by Breuer and 
Jeffrey, Senanayake and Van Wensveen (2003a; 2004; In preparation). 
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The observations that anions such as sulfate and chloride are not involved in 
the formation of complexes in copper(I)-ammonia and copper(I)-ammonia-
thiosulfate systems but are involved in the formation of mixed complexes with 
copper(II)-ammonia are of importance if the thiosulfate leaching process were to 
be applied under highly saline conditions as is encountered in many Australian 
mining operations. 
 
Speciation and potential diagrams (2-D and in some cases 3-D) for both mono-
ligand and bi-ligand systems were constructed using the stability constants 
determined in the present investigation. The diagrams reflected the typical 
reagent concentrations, background media and pH used in the thiosulfate 
leaching process. The application of these diagrams was demonstrated as a 
potentially useful tool in the research and operation of processes for the 
recovery of gold using the thiosulfate process with copper and ammonia. Some 
applications involved the use of 3-D potential diagrams in combination with 2-D 
and 3-D speciation diagrams to estimate “on the spot” ligand levels as well as 
the predominant copper species present in test solutions. 
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11  RECOMMENDATIONS FOR FUTURE STUDY 
It would be appropriate to conduct kinetic studies in the copper(I)-ammonia-
thiosulfate-oxygen system and establish the mechanisms involved in the 
oxidation of copper(I) to copper(II) species, including possible effects from ion-
association. The association of copper(I)-NH3-S2O3
2- complex anions with Na
+ 
or other metal ions may also be important. 
 
Polythionates such as trithionate, tetrathionate and sulfite, being thiosulfate 
oxidation bi-products, should be investigated for their effect on the formation of 
mixed-ligand complexes with copper(II)-ammonia. Sulfite would be of particular 
interest since it has been proposed as an additive to leach solutions for the 
retardation of thiosulfate oxidation (Hu and Gong 1991). 
 
Additional investigation is warranted on the effect of other anions, such as 
nitrate, nitrite and phosphate, on the formation of mixed-ligand complexes with 
copper(II)-ammonia. 
 
The chemistry of thiosulfate leach solutions is still very complex, since both 
ammonia and thiosulfate form complex ions with a variety of metals (Feng and 
Deventer 2002; Wan 1997). The presence of other metals ions, leached from 
ore materials, would influence the consumption of thiosulfate and the catalytic 
effectiveness of copper. Thus, it would be advantageous to conduct 
thermodynamic and kinetic studies on metals (other than copper, silver and 
gold) with thiosulfate and ammonia.   211
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Table A1: Raw Data from pKa (NH4
+) Determination in 1 M Na2SO4 Media 
Titration 1  Titration 2  Titration 3 
pH  vol. 1 M H2SO4 
added (mL) 
pH  vol. 1 M H2SO4 
added (mL) 
pH  vol. 1 M H2SO4 
added (mL) 
11.99 
11.83 
11.67 
11.54 
11.43 
11.33 
11.25 
11.19 
11.12 
11.07 
11.02 
10.81 
10.66 
10.53 
10.42 
10.32 
10.23 
10.15 
10.07 
10.06 
10.05 
10.03 
10.02 
10.00 
9.99 
9.97 
9.96 
9.95 
9.93 
9.92 
9.90 
9.89 
9.87 
9.86 
9.84 
9.83 
9.81 
9.79 
9.78 
9.76 
9.75 
9.73 
9.71 
9.70 
9.68 
9.67 
9.65 
9.63 
9.61 
9.60 
9.58 
9.56 
9.55 
9.53 
9.51 
0.000 
0.100 
0.200 
0.300 
0.400 
0.500 
0.600 
0.700 
0.802 
0.900 
1.000 
1.500 
2.000 
2.501 
3.000 
3.500 
4.000 
4.503 
5.000 
5.100 
5.200 
5.300 
5.400 
5.500 
5.600 
5.700 
5.800 
5.901 
6.000 
6.100 
6.200 
6.300 
6.400 
6.500 
6.600 
6.700 
6.800 
6.900 
7.000 
7.100 
7.200 
7.300 
7.400 
7.500 
7.600 
7.700 
7.800 
7.901 
8.000 
8.102 
8.200 
8.300 
8.400 
8.500 
8.600 
11.99 
11.82 
11.66 
11.53 
11.42 
11.33 
11.25 
11.18 
11.12 
11.06 
11.01 
10.81 
10.65 
10.52 
10.41 
10.32 
10.23 
10.15 
10.07 
10.06 
10.04 
10.03 
10.02 
10.00 
9.99 
9.97 
9.96 
9.94 
9.93 
9.92 
9.90 
9.89 
9.87 
9.86 
9.84 
9.83 
9.81 
9.79 
9.78 
9.76 
9.75 
9.73 
9.72 
9.70 
9.68 
9.67 
9.65 
9.63 
9.62 
9.60 
9.58 
9.57 
9.55 
9.53 
9.52 
0.000 
0.100 
0.200 
0.300 
0.400 
0.500 
0.603 
0.700 
0.803 
0.900 
1.000 
1.500 
2.000 
2.500 
3.000 
3.500 
4.000 
4.500 
5.000 
5.100 
5.200 
5.300 
5.400 
5.500 
5.600 
5.700 
5.800 
5.900 
6.000 
6.100 
6.200 
6.300 
6.400 
6.500 
6.600 
6.700 
6.802 
6.900 
7.000 
7.100 
7.200 
7.300 
7.400 
7.500 
7.600 
7.700 
7.800 
7.900 
8.000 
8.100 
8.200 
8.300 
8.400 
8.500 
8.600 
11.99 
11.81 
11.66 
11.53 
11.42 
11.33 
11.25 
11.18 
11.12 
11.06 
11.01 
10.81 
10.65 
10.52 
10.41 
10.31 
10.22 
10.13 
10.06 
10.06 
10.05 
10.03 
10.02 
10.00 
9.99 
9.97 
9.96 
9.94 
9.93 
9.91 
9.89 
9.88 
9.86 
9.85 
9.83 
9.82 
9.80 
9.79 
9.77 
9.75 
9.74 
9.72 
9.70 
9.69 
9.67 
9.66 
9.64 
9.62 
9.60 
9.59 
9.57 
9.55 
9.53 
9.52 
9.50 
0.000 
0.106 
0.201 
0.300 
0.400 
0.500 
0.600 
0.700 
0.800 
0.900 
1.000 
1.500 
2.000 
2.500 
3.000 
3.500 
4.000 
4.500 
5.000 
5.100 
5.201 
5.304 
5.402 
5.500 
5.600 
5.700 
5.800 
5.900 
6.000 
6.100 
6.200 
6.300 
6.401 
6.500 
6.600 
6.700 
6.800 
6.901 
7.000 
7.100 
7.200 
7.300 
7.400 
7.500 
7.600 
7.700 
7.800 
7.904 
8.000 
8.104 
8.200 
8.300 
8.400 
8.500 
8.600 
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Table A1 continued 
Titration 1  Titration 2  Titration 3 
pH  vol. 1 M H2SO4 
added (mL) 
pH  vol. 1 M H2SO4 
added (mL) 
pH  vol. 1 M H2SO4 
added (mL) 
9.49 
9.47 
9.46 
9.44 
9.42 
9.40 
9.37 
9.35 
9.33 
9.31 
9.29 
9.27 
9.24 
9.22 
9.19 
9.17 
9.14 
9.11 
9.08 
9.05 
9.01 
8.98 
8.94 
8.90 
8.86 
8.81 
8.76 
8.70 
8.64 
8.58 
8.50 
8.40 
8.28 
8.12 
7.90 
7.44 
3.54 
2.92 
2.67 
2.50 
2.38 
2.28 
2.20 
2.14 
2.06 
2.03 
1.98 
1.94 
1.90 
1.74 
1.63 
1.53 
 
8.700 
8.800 
8.900 
9.001 
9.100 
9.200 
9.301 
9.400 
9.500 
9.600 
9.700 
9.800 
9.900 
10.00 
10.100 
10.200 
10.300 
10.400 
10.500 
10.600 
10.700 
10.800 
10.900 
11.000 
11.100 
11.201 
11.300 
11.400 
11.500 
11.600 
11.700 
11.800 
11.900 
12.002 
12.100 
12.200 
12.300 
12.400 
12.500 
12.600 
12.700 
12.800 
12.904 
13.000 
13.100 
13.200 
13.300 
13.400 
13.500 
14.000 
14.510 
15.000 
9.50 
9.48 
9.46 
9.44 
9.42 
9.40 
9.38 
9.36 
9.33 
9.31 
9.29 
9.27 
9.24 
9.22 
9.20 
9.17 
9.14 
9.11 
9.08 
9.05 
9.01 
8.97 
8.93 
8.89 
8.85 
8.80 
8.75 
8.69 
8.62 
8.55 
8.46 
8.35 
8.21 
8.01 
7.68 
4.82 
3.09 
2.77 
2.58 
2.44 
2.34 
2.25 
2.18 
2.12 
2.06 
2.01 
1.97 
1.93 
1.89 
1.86 
1.82 
1.79 
1.77 
1.74 
1.62 
1.53 
8.700 
8.800 
8.900 
9.000 
9.100 
9.200 
9.300 
9.403 
9.500 
9.600 
9.700 
9.800 
9.900 
10.00 
10.100 
10.200 
10.300 
10.400 
10.501 
10.600 
10.705 
10.800 
10.902 
11.000 
11.100 
11.200 
11.300 
11.400 
11.500 
11.600 
11.700 
11.800 
11.900 
12.000 
12.100 
12.200 
12.300 
12.400 
12.500 
12.600 
12.700 
12.800 
12.900 
13.000 
13.100 
13.201 
13.300 
13.400 
13.502 
13.600 
13.700 
13.800 
13.900 
14.001 
14.500 
15.000 
9.48 
9.46 
9.44 
9.42 
9.40 
9.38 
9.36 
9.31 
9.19 
9.04 
9.01 
8.98 
8.94 
8.90 
8.85 
8.81 
8.76 
8.71 
8.64 
8.58 
8.50 
8.41 
8.29 
8.14 
7.93 
7.54 
3.80 
2.98 
2.69 
2.52 
2.39 
2.29 
2.20 
2.13 
2.07 
2.02 
1.97 
1.93 
1.89 
1.85 
1.82 
1.78 
1.75 
1.73 
1.70 
1.59 
1.50 
8.701 
8.800 
8.900 
9.000 
9.100 
9.201 
9.300 
9.500 
10.00 
10.500 
10.600 
10.700 
10.800 
10.900 
11.004 
11.100 
11.200 
11.300 
11.400 
11.500 
11.600 
11.701 
11.800 
11.900 
12.000 
12.100 
12.200 
12.300 
12.400 
12.500 
12.600 
12.702 
12.806 
12.900 
13.000 
13.100 
13.200 
13.300 
13.400 
13.501 
13.600 
13.700 
13.800 
13.900 
14.000 
14.500 
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Table A2: Raw Data from pKa (NH4
+) Determination in 3 M NaCl Media 
Titration 1  Titration 2  Titration 3 
pH  vol. 3 M HCl 
added (mL) 
pH  vol. 3 M HCl 
added (mL) 
pH  vol. 3 M HCl 
added (mL) 
12.04 
11.79 
11.59 
11.45 
11.33 
11.24 
11.16 
11.09 
11.03 
10.98 
10.93 
10.73 
10.58 
10.47 
10.37 
10.28 
10.21 
10.14 
10.10 
10.04 
9.99 
9.93 
9.89 
9.84 
9.80 
9.75 
9.71 
9.67 
9.63 
9.63 
9.62 
9.62 
9.61 
9.61 
9.60 
9.59 
9.59 
9.58 
9.57 
9.56 
9.56 
9.55 
9.54 
9.54 
9.53 
9.52 
9.51 
9.50 
9.50 
9.49 
9.48 
9.48 
9.47 
9.46 
9.45 
9.45 
0.000 
0.100 
0.200 
0.300 
0.400 
0.500 
0.600 
0.700 
0.800 
0.900 
1.000 
1.500 
2.000 
2.500 
3.000 
3.503 
4.000 
4.500 
5.000 
5.500 
6.000 
6.501 
7.000 
7.500 
8.000 
8.500 
9.000 
9.501 
10.000 
10.100 
10.200 
10.300 
10.400 
10.500 
10.600 
10.700 
10.800 
10.903 
11.000 
11.100 
11.200 
11.300 
11.400 
11.500 
11.601 
11.700 
11.800 
11.900 
12.000 
12.100 
12.200 
12.300 
12.400 
12.500 
12.600 
12.700 
12.01 
11.77 
11.58 
11.43 
11.32 
11.23 
11.15 
11.08 
11.02 
10.97 
10.92 
10.72 
10.58 
10.46 
10.36 
10.28 
10.21 
10.14 
10.08 
10.02 
9.97 
9.92 
9.87 
9.82 
9.78 
9.74 
9.70 
9.65 
9.62 
9.62 
9.62 
9.61 
9.61 
9.60 
9.59 
9.59 
9.58 
9.57 
9.57 
9.56 
9.55 
9.54 
9.54 
9.53 
9.52 
9.52 
9.51 
9.50 
9.49 
9.49 
9.48 
9.47 
9.46 
9.46 
9.45 
9.44 
0.000 
0.100 
0.200 
0.300 
0.400 
0.500 
0.600 
0.700 
0.800 
0.900 
1.002 
1.500 
2.000 
2.500 
3.000 
3.500 
4.000 
4.500 
5.000 
5.501 
6.000 
6.500 
7.000 
7.500 
8.000 
8.500 
9.000 
9.500 
10.000 
10.100 
10.200 
10.300 
10.400 
10.500 
10.600 
10.700 
10.800 
10.900 
11.000 
11.100 
11.200 
11.300 
11.400 
11.500 
11.600 
11.701 
11.800 
11.902 
12.000 
12.100 
12.200 
12.300 
12.400 
12.500 
12.600 
12.700 
12.02 
11.77 
11.58 
11.43 
11.32 
11.22 
11.15 
11.08 
11.02 
10.96 
10.91 
10.72 
10.57 
10.45 
10.35 
10.27 
10.19 
10.12 
10.07 
10.01 
9.95 
9.90 
9.85 
9.80 
9.76 
9.72 
9.67 
9.63 
9.60 
9.60 
9.59 
9.59 
9.58 
9.58 
9.57 
9.57 
9.56 
9.55 
9.55 
9.54 
9.53 
9.53 
9.52 
9.51 
9.51 
9.50 
9.49 
9.49 
9.48 
9.47 
9.46 
9.46 
9.45 
9.44 
9.44 
9.43 
0.000 
0.100 
0.200 
0.302 
0.400 
0.500 
0.600 
0.701 
0.800 
0.903 
1.000 
1.500 
2.000 
2.500 
3.000 
3.500 
4.000 
4.500 
5.000 
5.501 
6.000 
6.500 
7.000 
7.500 
8.000 
8.500 
9.000 
9.500 
10.000 
10.100 
10.200 
10.300 
10.400 
10.500 
10.600 
10.700 
10.803 
10.900 
11.000 
11.100 
11.200 
11.300 
11.402 
11.500 
11.600 
11.700 
11.800 
11.900 
12.000 
12.100 
12.200 
12.300 
12.400 
12.500 
12.602 
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Table A2 continued 
Titration 1  Titration 2  Titration 3 
pH  vol. 3 M HCl 
added (mL) 
pH  vol. 3 M HCl 
added (mL) 
pH  vol. 3 M HCl 
added (mL) 
9.44 
9.43 
9.42 
9.42 
9.41 
9.40 
9.39 
9.39 
9.38 
9.37 
9.36 
9.35 
9.35 
9.26 
8.72 
8.45 
8.44 
8.42 
8.41 
8.39 
8.36 
8.34 
8.31 
8.28 
8.25 
8.22 
8.19 
8.16 
8.12 
8.08 
8.04 
7.99 
7.94 
7.88 
7.81 
7.73 
7.64 
7.52 
7.36 
7.13 
6.64 
1.95 
1.45 
1.21 
1.06 
0.95 
0.86 
0.78 
0.72 
0.66 
0.62 
0.57 
0.53 
0.50 
0.47 
0.44 
12.801 
12.900 
13.000 
13.100 
13.200 
13.302 
13.400 
13.500 
13.601 
13.700 
13.800 
13.901 
14.000 
15.000 
20.000 
22.000 
22.100 
22.200 
22.300 
22.400 
22.500 
22.600 
22.700 
22.800 
22.902 
23.000 
23.100 
23.200 
23.300 
23.400 
23.500 
23.600 
23.700 
23.800 
23.900 
24.001 
24.100 
24.201 
24.300 
24.400 
24.500 
24.600 
24.700 
24.800 
24.900 
25.000 
25.100 
25.200 
25.301 
25.400 
25.500 
25.600 
25.700 
25.801 
25.900 
26.000 
9.43 
9.43 
9.42 
9.41 
9.40 
9.40 
9.39 
9.38 
9.37 
9.37 
9.36 
9.35 
9.34 
9.25 
8.71 
8.45 
8.43 
8.41 
8.39 
8.37 
8.35 
8.20 
8.17 
8.13 
8.10 
8.05 
8.01 
7.96 
7.90 
7.84 
7.77 
7.68 
7.58 
7.44 
7.25 
6.93 
4.71 
1.64 
1.31 
1.11 
0.99 
0.89 
0.81 
0.74 
0.68 
0.63 
0.58 
0.54 
0.50 
0.47 
0.43 
0.41 
12.800 
12.900 
13.000 
13.100 
13.201 
13.301 
13.400 
13.500 
13.601 
13.700 
13.800 
13.900 
14.002 
15.000 
20.000 
22.000 
22.100 
22.200 
22.300 
22.400 
22.500 
23.000 
23.100 
23.200 
23.300 
23.400 
23.500 
23.600 
23.700 
23.800 
23.900 
24.000 
24.100 
24.200 
24.300 
24.400 
24.500 
24.600 
24.700 
24.800 
24.903 
25.000 
25.100 
25.200 
25.300 
25.400 
25.500 
25.600 
25.700 
25.800 
25.905 
26.000 
9.42 
9.41 
9.41 
9.40 
9.39 
9.38 
9.38 
9.37 
9.36 
9.36 
9.35 
9.34 
9.34 
9.25 
8.70 
8.37 
8.25 
8.13 
8.09 
8.06 
8.02 
7.97 
7.92 
7.87 
7.80 
7.72 
7.63 
7.52 
7.37 
7.15 
6.69 
2.08 
1.48 
1.23 
1.07 
0.95 
0.86 
0.72 
0.67 
0.62 
0.57 
0.53 
0.50 
0.47 
0.44 
0.41 
0.38 
12.800 
12.900 
13.000 
13.100 
13.200 
13.300 
13.400 
13.500 
13.600 
13.700 
13.801 
13.900 
14.000 
15.000 
20.000 
22.000 
22.500 
23.000 
23.100 
23.200 
23.300 
23.400 
23.500 
23.600 
23.700 
23.800 
23.900 
24.000 
24.100 
24.200 
24.300 
24.400 
24.500 
24.600 
24.700 
24.800 
24.901 
25.100 
25.200 
25.300 
25.400 
25.500 
25.600 
25.700 
25.800 
25.900 
26.000   231
Table A3: Raw Data from pKa (NH4
+) Determination in 3 M NaNO3 Media 
Titration 1  Titration 2  Titration 3 
pH  vol. 3 M HNO3 
added (mL) 
pH  vol. 3 M HNO3 
added (mL) 
pH  vol. 3 M HNO3 
added (mL) 
12.08 
11.86 
11.68 
11.54 
11.42 
11.33 
11.25 
11.19 
11.13 
11.07 
11.02 
10.83 
10.68 
10.57 
10.47 
10.38 
10.31 
10.24 
10.18 
10.13 
10.07 
10.02 
9.97 
9.92 
9.88 
9.84 
9.80 
9.76 
9.73 
9.73 
9.72 
9.72 
9.71 
9.71 
9.70 
9.69 
9.68 
9.68 
9.67 
9.66 
9.65 
9.65 
9.64 
9.64 
9.63 
9.62 
9.61 
9.60 
9.60 
9.59 
9.58 
9.57 
9.57 
9.56 
9.55 
9.54 
0.000 
0.101 
0.200 
0.300 
0.400 
0.500 
0.600 
0.700 
0.800 
0.900 
1.000 
1.500 
2.000 
2.500 
3.000 
3.502 
4.000 
4.500 
5.000 
5.500 
6.000 
6.500 
7.000 
7.500 
8.000 
8.501 
9.000 
9.500 
10.000 
10.100 
10.200 
10.300 
10.400 
10.500 
10.600 
10.700 
10.800 
10.901 
11.000 
11.100 
11.200 
11.300 
11.400 
11.500 
11.600 
11.700 
11.800 
11.900 
12.000 
12.100 
12.200 
12.300 
12.402 
12.500 
12.600 
12.700 
12.09 
11.87 
11.69 
11.55 
11.43 
11.34 
11.26 
11.19 
11.13 
11.08 
11.03 
10.83 
10.69 
10.57 
10.47 
10.38 
10.31 
10.24 
10.19 
10.13 
10.07 
10.02 
9.97 
9.92 
9.87 
9.83 
9.79 
9.75 
9.72 
9.72 
9.71 
9.70 
9.70 
9.69 
9.69 
9.68 
9.67 
9.67 
9.66 
9.65 
9.65 
9.64 
9.63 
9.63 
9.62 
9.61 
9.61 
9.60 
9.59 
9.58 
9.58 
9.57 
9.56 
9.56 
9.55 
9.54 
0.000 
0.100 
0.200 
0.300 
0.400 
0.500 
0.602 
0.700 
0.800 
0.900 
1.000 
1.500 
2.000 
2.500 
3.000 
3.500 
4.000 
4.500 
5.000 
5.500 
6.000 
6.500 
7.007 
7.500 
8.001 
8.501 
9.000 
9.500 
10.000 
10.100 
10.201 
10.300 
10.400 
10.500 
10.600 
10.700 
10.800 
10.900 
11.000 
11.100 
11.201 
11.300 
11.400 
11.500 
11.600 
11.700 
11.800 
11.900 
12.000 
12.100 
12.200 
12.300 
12.400 
12.500 
12.600 
12.700 
12.08 
11.86 
11.68 
11.54 
11.42 
11.33 
11.25 
11.18 
11.12 
11.07 
11.02 
10.83 
10.67 
10.55 
10.45 
10.37 
10.29 
10.23 
10.17 
10.12 
10.06 
10.01 
9.96 
9.91 
9.87 
9.83 
9.78 
9.74 
9.72 
9.71 
9.71 
9.70 
9.70 
9.69 
9.69 
9.68 
9.67 
9.67 
9.66 
9.65 
9.65 
9.64 
9.63 
9.63 
9.62 
9.61 
9.60 
9.60 
9.59 
9.58 
9.58 
9.57 
9.56 
9.55 
9.55 
9.54 
0.000 
0.100 
0.200 
0.300 
0.400 
0.500 
0.600 
0.700 
0.800 
0.900 
1.002 
1.500 
2.016 
2.500 
3.000 
3.500 
4.000 
4.500 
5.000 
5.500 
6.000 
6.500 
7.000 
7.500 
8.000 
8.500 
9.000 
9.500 
10.000 
10.100 
10.200 
10.300 
10.401 
10.500 
10.600 
10.700 
10.800 
10.900 
11.000 
11.100 
11.200 
11.300 
11.400 
11.501 
11.600 
11.700 
11.800 
11.900 
12.000 
12.100 
12.200 
12.300 
12.400 
12.500 
12.600 
12.700   232
Table A3 continued 
Titration 1  Titration 2  Titration 3 
pH  vol. 3 M HNO3 
added (mL) 
pH  vol. 3 M HNO3 
added (mL) 
pH  vol. 3 M HNO3 
added (mL) 
9.53 
9.52 
9.52 
9.51 
9.50 
9.50 
9.49 
9.48 
9.47 
9.47 
9.46 
9.45 
9.44 
9.35 
8.82 
8.53 
8.51 
8.49 
8.47 
8.45 
8.43 
8.40 
8.38 
8.35 
8.32 
8.29 
8.26 
8.22 
8.18 
8.13 
8.09 
8.03 
7.97 
7.90 
7.82 
7.73 
7.61 
7.45 
7.20 
6.63 
1.97 
1.48 
1.25 
1.10 
0.99 
0.90 
0.83 
0.77 
0.71 
0.66 
0.62 
0.58 
0.54 
0.51 
0.48 
0.45 
12.800 
12.901 
13.000 
13.100 
13.200 
13.301 
13.400 
13.500 
13.600 
13.700 
13.801 
13.904 
14.000 
15.000 
20.000 
22.002 
22.102 
22.200 
22.300 
22.400 
22.500 
22.604 
22.700 
22.800 
22.900 
23.000 
23.100 
23.200 
23.300 
23.400 
23.500 
23.601 
23.700 
23.801 
23.900 
24.000 
24.102 
24.200 
24.300 
24.400 
24.500 
24.602 
24.700 
24.800 
24.900 
25.000 
25.100 
25.200 
25.300 
25.400 
25.500 
25.600 
25.703 
25.800 
25.900 
26.000 
9.53 
9.53 
9.52 
9.51 
9.50 
9.50 
9.49 
9.48 
9.48 
9.47 
9.46 
9.45 
9.45 
9.36 
8.81 
8.49 
8.38 
8.25 
8.22 
8.19 
8.15 
8.11 
8.06 
8.01 
7.95 
7.88 
7.80 
7.70 
7.58 
7.41 
7.13 
6.30 
1.83 
1.43 
1.22 
1.09 
0.98 
0.90 
0.83 
0.77 
0.72 
0.67 
0.63 
0.59 
0.56 
0.53 
0.50 
0.47 
0.36 
0.28 
 
12.800 
12.902 
13.000 
13.100 
13.200 
13.300 
13.401 
13.502 
13.600 
13.701 
13.800 
13.900 
14.000 
15.000 
20.000 
22.000 
22.500 
23.000 
23.100 
23.200 
23.300 
23.400 
23.500 
23.600 
23.700 
23.800 
23.902 
24.000 
24.100 
24.200 
24.301 
24.400 
24.500 
24.600 
24.700 
24.800 
24.900 
25.000 
25.100 
25.200 
25.300 
25.400 
25.500 
25.600 
25.700 
25.800 
25.900 
26.000 
26.500 
27.000 
 
9.53 
9.52 
9.52 
9.51 
9.50 
9.49 
9.49 
9.48 
9.47 
9.46 
9.46 
9.45 
9.44 
9.35 
8.81 
8.47 
8.36 
8.21 
8.19 
8.15 
8.12 
8.08 
8.03 
7.98 
7.92 
7.85 
7.76 
7.65 
7.52 
7.32 
6.97 
2.60 
1.65 
1.34 
1.17 
1.04 
0.94 
0.87 
0.80 
0.75 
0.70 
0.65 
0.61 
0.58 
0.55 
0.52 
0.49 
0.46 
0.35 
0.27 
 
12.803 
12.900 
13.000 
13.100 
13.202 
13.300 
13.400 
13.500 
13.600 
13.701 
13.800 
13.900 
14.000 
15.000 
20.000 
22.000 
22.500 
23.000 
23.100 
23.200 
23.300 
23.400 
23.500 
23.600 
23.700 
23.800 
23.901 
24.000 
24.100 
24.200 
24.300 
24.401 
24.500 
24.600 
24.700 
24.800 
24.900 
25.000 
25.100 
25.200 
25.300 
25.400 
25.500 
25.600 
25.700 
25.800 
25.901 
26.000 
26.500 
27.000 
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APPENDIX B 
 
 
 
Mass Balance Equations for Total Ammonium, Sulfate and Sodium Ions 
and Derivation of Equation for Concentration of Free Ammonium Ion. 
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From the equilibria 6.2 to 6.4, 
  ] ][ [ ] [
2
4 4 1 4 4
− + − = SO NH K SO NH       ( B 1 )  
  ] ][ [ ] [
2
4 2 4
− + − = SO Na K NaSO      ( B 2 )  
 
] [
] [
] [
4
3 +
+
=
H K
NH
NH
b
        ( B 3 )  
The mass balance equations are, 
  ] [ ] [ ] [ ] [ 4 4 4
2
4
2
4
− − − − + + = NaSO SO NH SO SO T     ( B 4 )  
Substitute B1 and B2 into B4 
  ]) [ ] [ 1 ]( [ ] [ 2 4 1
2
4
2
4
+ + − − + + = Na K NH K SO SO T     ( B 5 )  
i.e.  ]) [ ] [ 1 /( ] [ ] [ 2 4 1
2
4
2
4
+ + − − + + = Na K NH K SO SO T     ( B 6 )  
 
  ] [ ] [ ] [ 4
− + + + = NaSO Na Na T        ( B 7 )  
Substitute B2 into B7 
  ]) [ 1 ]( [ ] [
2
4 2
− + + + = SO K Na Na T       ( B 8 )  
i.e.  ]) [ 1 /( ] [ ] [
2
4 2
− + + + = SO K Na Na T       ( B 9 )  
 
  ] [ ] [ ] [ ] [ 4 4 4 3 3
− + + + = SO NH NH NH NH T      (B10) 
and  ] [ ] [ ] [ ] [ 4 4 4 3 3
− + − − = SO NH NH NH NH T      (B11) 
Substitute B3 and B1 into B10 
  ] ][ [ ] [
] [
] [
] [
2
4 4 1 4
4
3
− + +
+
+
+ + = SO NH K NH
H K
NH
NH
b
T     (B12) 
i.e.  ]) [
] [
1
1 ]( [ ] [
2
4 1 4 3
−
+
+ + + = SO K
H K
NH NH
b
T    (B13)   235
i.e.  ]) [
] [
1
1 /( ] [ ] [
2
4 1 3 4
−
+
+ + + = SO K
H K
NH NH
b
T     (B14) 
 
Substitute B6 into B14 
  ⎟
⎟
⎠
⎞
⎜
⎜
⎝
⎛
+
+ +
+ = + + +
−
+
] [
1
] [ ] [ 1
] [
1 / ] [ ] [
4 1 2
2
4 1
3 4 H K NH K Na K
SO K
NH NH
b
T
T  (B15) 
 
 
Equations B14, B6, B9, B1, B2 and B11 were used in the Excel spreadsheet 
shown in Appendix C. 
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APPENDIX C 
 
 
 
Excell Spreadsheet used for Estimation of pKa in Sulfate Media 
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Refer to the following pdf file accompanying this document, 
 
 
pKa_Estimations_LogK2_0.30.pdf 
 
pKa_Estimations_LogK2_0.40.pdf 
 
pKa_Estimations_LogK2_0.79.pdf 
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APPENDIX D 
 
 
 
Junction Potentials 
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Table D1:  Calculated junction potentials, Ej(2,3) (Section 4.1) at the start of 
a titration and  
a at the end of the same titration. 
Solution Composition  Related to Section; 
2 3 
Ej(2,3)  
(mV) 
 
6.3.3.3 
0.1 M (NH4)2SO4  
0.005 M CuSO4  
0.9 M Na2SO4  
 
3 M KCl 
 
-2.9 
 
 
6.3.3.3  
a 
0.033 M (NH4)2SO4  
0.005 M CuSO4  
0.3 M Na2SO4  
0.133 M NH4Cl  
0.083 M NaOH 
1.83 M NaCl 
 
 
3 M KCl 
 
 
3.0 
 
6.3.2 and 6.3.4 
0.2 M NH4ClO4  
0.005 M CuSO4  
3 M NaClO4  
 
3 M NaCl 
 
-0.7 
 
 
6.3.2 and 6.3.4  
a 
0.067 M NH4ClO4  
0.005 M CuSO4  
1 M NaClO4  
0.167 M (NH4)2SO4  
0.54 M Na2SO4  
 
 
3 M NaCl 
 
 
4.5 
6.3.3.1 and 6.3.4  0.2 M NH4ClO4  
0.005 M CuSO4  
3 M NaClO4  
 
3 M NaCl 
-0.7 
6.3.3.1 and 6.3.4  
a  0.067 M NH4ClO4  
0.005 M CuSO4  
1 M NaClO4  
0.13 M NH4Cl  
2 M NaCl  
 
3 M NaCl 
0.7 
6.4.2  1 M Na2SO4   3 M KCl  2.4 
7.1.4  0.136 M (NH4)2SO4  
0.84 M Na2SO4  
3 M KCl  -3.0 
0.25 M NH4Cl 
0.005 M CuSO4 
4.375 M NaCl 
3 M KCl  1.6 
0.25 M NH4ClO4 
0.005 M CuSO4 
4.5 M NaClO4 
3 M NaCl  - 4.8 
8.3.1 
0.25 M (NH4)2SO4 
0.005 M CuSO4 
1.32  M Na2SO4 
3 M KCl  - 1.7 
Values for λi were obtained from Lide (2000). 
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APPENDIX E 
 
 
 
Excell Program used for the Copper(I)-NH3 System in Sulfate, Chloride  
and Perchlorate Media, Including Raw Data 
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Refer to the following pdf files accompanying this document, 
 
 
 Cu(I)NH3_SO4.pdf 
 
 Cu(I)NH3_Cl.pdf 
 
 Cu(I)NH3_ClO4.pdf 
 
 Cu(I)NH3_Cl-ClO4.pdf 
 
 Cu(I)NH3_Cl.xls 
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APPENDIX F 
 
 
Adjustment of ECell Values for the Variation in Copper(I) Concentration. 
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Adjustment of ECell Values for the Variation in Copper(I) Concentration in 
Solutions Titrated with Thiosulfate. 
 
The reaction at the copper electrode is 
 Cu(I)(S2O3)n
1-2n  +  e
-    '    Cu
0  +  nS2O3
2-        ( F 1 )  
 
The equilibrium potential is 
 
] ) )( ( [
] [
log 0591 . 0 2 1
3 2
2
3 2 0
n
n
n
Cell
O S I Cu
O S
E E −
−
− =      ( F 2 )  
 
Assuming that the concentration of Cu(I)(S2O3)n
1-2n is equivalent to the 
concentration of copper(I) in solution, 
  ] log[ 0591 . 0 )] ( log[ 0591 . 0
2
3 2
0 − − + = O S n I Cu E ECell    (F3) 
 
and the adjusted ECell is, 
  ] log[ 0591 . 0 )] ( log[ 0591 . 0
2
3 2
0 − − = − O S n E I Cu ECell    (F4) 
 
 
When the adjusted ECell is plotted versus the log[S2O3
2-], the values for E
0 and n 
can be obtained from the y-intercept and slope respectively. 
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APPENDIX G 
 
 
 
Excell Program used for the Copper(I)-S2O3
2- System in Sulfate Media,  
Including Raw Data 
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Refer to the following pdf file accompanying this document, 
 
 
 Cu(I)S2O3.pdf 
 
 
 
 
 
   246
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
APPENDIX H 
 
 
 
Excell Program used for the Copper(I)-NH3-S2O3
2- System in Sulfate 
Media, Including Raw Data 
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Refer to the following pdf file accompanying this document, 
 
 
 Cu(I)-NH3-S2O3_SO4.pdf 
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APPENDIX I 
 
 
 
Preliminary Log β1N2S Values 
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Table I1: Preliminary stability constant (logβ1N2S) and n values determined 
graphically for the Cu(NH3)(S2O3)2
3- complex.  
Final  
[NH3]T/[S2O3
2-] 
Ratio 
Coordination
Number, n 
 
 
Log β1N2S 
ERE  
mV 
23 2.1 
1.83 
1.94 
2.06 
2.08 
14.51 
14.11 
14.57 
14.47 
14.31 
207 
207 
205 
204 
205 
20 1.99 
1.97 
14.47 
14.47 
204 
205 
15 2.1 
2.1 
14.31 
14.47 
205 
204 
10 2.1  14.23  205 
 Mean  Value 
Std. Dev. 
% 
14.39 
0.14 
1.0 
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APPENDIX J 
 
 
 
Excell Program used for the Copper(I)-NH3-S2O3
2- System in Chloride  
Media, Including Raw Data 
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Refer to the following pdf file accompanying this document, 
 
 
 Cu(I)-NH3-S2O3_Cl.pdf 
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APPENDIX K 
 
 
 
Activity Coefficient of Ammonia in Different Media – Literature Data 
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Table K1: Literature values for Activity coefficient of ammonia (γ NH3) in 
Various Media used to construct Figure 8.7. The γ NH3
a values had to be 
calculated as shown in the next page. 
Salt Concentration 
(mol Kg
-1) 
γ NH3  
in Various Media 
NaClO4  
a 
0 
0.5 
1.0 
2.0 
3.0 
4.0 
6.0 
1.047 
1.040 
1.040 
1.082 
1.044 
1.039 
1.053 
NaClO4  
b 
0.5 
1.0 
1.5 
2.0 
3.0 
4.0 
1.00 
1.04 
1.02 
1.01 
1.02 
1.02 
NaCl  
a 
0 
0.505 
1.02 
2.09 
3.77 
5.59 
1.047 
1.099 
1.159 
1.278 
1.426 
1.592 
(NH4)2SO4  
c 
0.75 
1.5 
2.25 
3.0 
4.5 
6.0 
7.5 
1.11 
1.23 
1.36 
1.51 
1.84 
2.23 
2.68 
     
a  Calculated from Durst et al. (1966) 
     
b  Maeda and Nakagawa (1983). In molar units. 
     
c  Maeda (1997) 
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Calculation of γ NH3 values from Durst et al.‘s (1966) data. 
 
Figure K1 is a graphical representation of some of the data from Table I (Durst 
et al. 1966). 
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Figure K1: Graphical plot of ammonia activity coefficient vs. concentration 
in pure water. 
 
 
From Figure K1, the γ NH3 at a set salt concentration, Table II (Durst et al. 
1966), can be calculated using equation K1. 
 
  0474 . 1
3
0
3
3 × =
NH f
fNH NH γ      ( K 1 )  
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APPENDIX L 
 
 
 
       Estimation of Log β for Cu(NH3)4
2+ from Literature at a Set Ionic Strength 
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Table L1: Thermodynamic data for Cu(NH3)4
2+ at 25 °C extracted from 
Smith et al. (2004). 
Media Ionic  Strength  Log β 
NR 
NR 
NR 
(NH4)2SO4  
NH4NO3  
Na2SO4  
0 
0.1 
0.5 
1.0 
2.0 
3.0 
12.3 
12.5 
12.6 
12.6 
12.9 
   13.2  
b 
   
b   NR = Not reported 
     a  Adjusted value 
 
 
y = 0.2629x + 12.394
R2 = 0.9515
8
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L
o
g
 
B
 
Figure L1: Graphical representation of data from Table L1. 
 
 
From Figure L1, the estimated log β value at I = 4.7 is 13.6. 
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APPENDIX M 
 
 
 
Species Distribution Diagrams for the Copper(I)-NH3-S2O3
2- System  
in Chloride Media 
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Figure M1: 2-Dimensional species distribution for the Copper(I)-NH3-S2O3
2- 
system in chloride media at set total ammonia concentrations ([NH3]T), pH 
9.5, I = 3.0 (NaCl) and 25°C.   259
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Figure M2: 3-Dimensional plot of Cu(NH3)(S2O3)2
3- levels relative to 
ammonia and thiosulfate concentrations at pH 9.5, I = 3.0 (NaCl) and 25°C. 
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Figure M3: 3-Dimensional plot of Cu(NH3)(S2O3)
- levels relative to ammonia 
and thiosulfate concentrations at pH 9.5, I = 3.0 (NaCl) and 25°C.   260
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Figure M4: 3-Dimensional plot of Cu(S2O3)3
5- levels relative to ammonia 
and thiosulfate concentrations at pH 9.5, I = 3.0 (NaCl) and 25°C. 
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Figure M5: 3-Dimensional plot of Cu(NH3)2
+ levels relative to ammonia and 
thiosulfate concentrations at pH 9.5, I = 3.0 (NaCl) and 25°C.   261
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Figure M6: 3-Dimensional plot of Cu(NH3)3
+ levels relative to ammonia and 
thiosulfate concentrations at pH 9.5, I = 3.0 (NaCl) and 25°C. 
 
 
 
 